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ELECTRONIC NOSE 
SNIFFS OUT 
LEAKS 


Arter years of buffeting by the wind, even 
tough telephone cable sometimes shows its age. Here 
and there the lead sheath may crack from fatigue or 
wear through at support points. Before moisture can 
enter to damage vital insulation, leaks must be located 


and sealed. 


To speed detection, Bell Laboratories scientists 
constructed an electronic nose which sniffs out the leaks. 


Using an electrically operated element developed by the 
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General Electric Company, the device detects leaks 0 





as little as 1/100 cubic foot per day. Sheath inspection 
can be stepped up to 120 feet per minute. 


Thus Bell scientists add findings in other fields tof \ 
their own original research in ways to make your tele- 
phone system serve you better. On the other hand their 
discoveries are often used by other industries. Sharing 
of scientific information adds greatly to the over-ll 
scientific and technological strength of America. 


CB BELL TELEPHONE LABORATORIES 


°enicA Improving telephone service for America provides careers for creative men in scientific and technical fields 
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to paint Electrolysis by the Mercury Cell Process 
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SO bubbig 
lose lea Investigation of the Influence of Metallic Impurities upon the Decomposition 
Rate of Sodium Amalgam! 
GO6sta ANGEL AND TAGE LUNDEN 
Division of Applied Electrochemistry, Royal Institute of Technology, Stockholm, Sweden 
ABSTRACT 
The influence of certain metallic impurities on the decomposition rate of sodium 
amalgam has been investigated by shaking amalgam with buffered solutions of NaCl, 
to which various metal salts had been added. The reaction rate has been determined 
by measuring the amount of hydrogen evolved per unit of time. Fe, Ni, Ca, Ba, Mg, W, 
and Mn had no influence on the rate of decomposition, whilst V, Mo, and Cr strongly 
increase it. In the event of two different metals being present at the same time it has 
; been found that in certain cases their influence is greatly intensified. Thus V + Fe have 
Y an effect many times greater than that of V by itself at the same concentration. Like- 


wise, Fe and Mg, which are without effect separately, together increase the decomposi- 


tion rate slightly. 


INTRODUCTION 

















In the electrolysis of alkali chloride solutions in 
cells with mercury cathodes, impurities in the brine 
may cause increased hydrogen evolution with the 
accompanying risk of explosions. Knowledge of the 
fluence of various impurities is, however, incom- 
plete. 

Attention has been paid in the first place to Fe, 
Mg, and Ca, these being the principal impurities in 
the salt. It has been assumed that Fe and other 
metals, which may be deposited during electrolysis, 
promote the evolution of hydrogen by lowering its 
overvoltage. On the other hand Ca and Mg are de- 
posited as hydroxides at the cathode and may have 
a harmful effect due to the fact that the sludge de- 
posits may interfere with mercury circulation, retain 
particles of graphite, or possibly cause a short circuit 
between the anodes and the mercury cathode. In 
practice, therefore, the brine is generally purified by 


le cS : : 
eaks of addition of alkali so that Fe, Mg, and Ca are more or 
pection less completely precipitated as hydroxides or car- 
honates and removed by sedimentation or filtration. 
| The effect of other impurities, such as V, Cr, and 
elds to Mo has 
Mo has also been reported (1). 
ur tele- These metals are present in very small concentra- 
id their MM tions, less than 1 mg/1, but still have a strong effect. 
sharing f/m [hus, this seems to be a different phenomenon than 
the - . r Wa s) thie > vat ms) 
aneall hat caused by Fe, Mg, or Ca, which at concentra 
) lous of several mg/l may be described as harmless. 


Manuseript received July 6, 1951. The authors have 
“indly consented to a delay in publication so that this 
paper Iaay appear in the special Industrial Electrolytic 
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In 1949, serious interruptions occurred in the oper- 
ation of two Swedish chlorine plants, this being due 
to an abnormally high hydrogen concentration in the 
chlorine. As the graphite anodes proved to contain 
vanadium, the interruptions on account of the above 
mentioned report were suspected to originate from 
this impurity. Strangely enough, no such interrup- 
tions oecurred at two other Swedish chlorine plants 
using graphite anodes of the same quality. Neither in 
Norway nor in Denmark have any difficulties of this 
kind been encountered. 

The following report comprises an empirical in- 
vestigation of the effects of a number of metallic 
impurities on the decomposition rate of sodium amal- 
gam. In a later report the results of a similar in- 
vestigation of the effects of certain anions will be 
advanced. Later it is intended to study the effect of 
the most dangerous impurities by electrolysis ex- 
periments. 


Previous Investigations 


The decomposition rate of sodium amalgam in 
contact with pure aqueous solutions has been sub- 
jected to comparatively extensive studies (2-5). The 
results achieved are of little consequence for tech- 
nical chlorine-caustic electrolysis. However, it may 
be noted that the decomposition rate in acid buffered 
solutions has been found to be proportional to the 
square root of the Na-concentration of the amalgam. 
In alkaline solutions reproducible results have not 
been obtained. 

The effect of impurities in saturated NaCl-solu- 
tions on the decomposition rate of sodium amalgam 





‘ 
% 


tee teers bP titl!ll— as 


136 JOURNAL OF THE ELECTROCHEMICAL SOCIETY 


have been reported only by Walker and Paterson 
(6). They used an experimental cell with a mercury 
cathode and a platinum anode. Neither the brine nor 
the mercury was circulated through the cell, nor 
were they stirred. The current efficiency was de- 
termined by measuring the amount of hydrogen 
formed. They investigated the effect of K, Ca, Mg, 
Fe, Ni, and Co and found that even at high con- 
centrations the first four had little or no effect upon 
the current efficiency. At 1 mg/l Ni and Co had no 
effect either, but at 50 mg/| they reduced the current 
efficiency to about 65 per cent. 

They found that Mg and Fe, which separately 
caused no hydrogen evolution, when present to- 
gether lowered the current efficiency to about 80 
per cent. The same phenomenon was observed when 
both Ca and Fe were present. The simultaneous 
presence of Ni and Mg caused no hydrogen evolution 
beyond that obtained with Ni separately. This also 
seemed to be the case with Ni and Ca, but the re- 
producibility of this experiment was most unsatis- 
factory. 

The Walker and Paterson investigations are of 
some value in estimating the harm caused by the 
most common impurities in brine. These comprise 
among others Ca, Mg, and Fe, which may be found 
at high concentrations in unpurified brine. However, 
after the usual brine purification process using alkali 
hydroxide and carbonate, the concentrations of these 
impurities are probably far below the comparatively 
high concentrations at which these investigators 
have performed their experiments. As to Ni and Co, 
these do not normally occur in the brine. 

The experimental methods used by these scientists 
may be criticized because the mercury was not 
stirred or circulated during electrolysis since ex- 
perience shows that a film of amalgam is formed on 
the mercury surface with a high Na concentration. 
This film may give rise to hydrogen evolution even 
if the brine is perfectly pure. On the whole, con- 
ditions are most labile during electrolysis with non- 
circulating mercury. It is evident that the effect of 
an added impurity is enhanced if the brine is in 
contact with a concentrated Na amalgam which is 
on the verge of giving rise to hydrogen evolution 
even with a pure brine. The unsatisfactory repro- 
ducibility of some of their experiments may probably 
be explained in this way. 

The only other published information as to the 
effect of impurities in the brine appears on a patent 
(7). There it was stated that evolution of hydrogen 
is not obtained if the brine contains less than 0.1 
mg/l! Fe and less than 6 mg/l Mg and that the Ca 
may be allowed to reach 1.5-3.6 g/l without risk. 


Noven he r 1959 


EXPERIMENTAL 


In all experiments 5.0 ml amalgam, 180 ;! Sat. 
rated NaCl solution, 10 ml buffer solution, and wate, 
or metal salt solution up to 200 ml volume wor 
shaken together in 200 ml Erlenmeyer flasks. The 
decomposition rate of the amalgam was determined 
by measuring the amount of hydrogen evolved per 
unit of time. 

Shaking was effected by a synchronous motor and 
was thus maintained at constant frequency, general) 
100 per min. Constancy is of great importance. 
the decomposition rate according to investigations 
by Klein (3) and by Brénsted and Kane (4 
dependent on the shaking rate. 

It was observed that if the shaking is stopped, the 
hydrogen evolution is concentrated at a single spot 
on the mercury surface. Brénsted observed the samp 
phenomenon and gave two different possible expla. 
nations. First, the phenomenon is due to some oc! 
impurity, on which the overvoltage of hydrogen js 
lower than on the amalgam surface. In the second 
explanation, the hydrogen evolution is assumed ty 
take place uniformly over the whole surface to form 
minute invisible bubbles which, however, are drive: 
by surface forces to a point where they unite and 
escape as visible bubbles. Bronsted considers the 
latter explanation more probable because if a |oca! 
impurity were the cause of the phenomenon, re 
producible results would hardly be attainable. 

The amalgam was prepared by electrolyzing a 
saturated solution of NasCO; with a mercury cathod 
as proposed by Richards and Connant (9). Th 
amalgam so produced contained about 0.5 per cent 
Na. It was diluted with mercury to a concentratio 
of 0.14 per cent Na. All mercury was of reagent 
quality. 

The NaCl solutions were prepared by dissolving 
reagent grade salt in distilled water to saturation a! 
room temperature, corresponding to a concentratio 
of about 330 g/1. 

The buffer solution consisted of a concentrated 
sodium acetate-acetic acid buffer with a pH of 6 
or 4.5. In a preliminary experiment it was established 
that the acetate ion did not influence the decomp» 
sition rate of the amalgam. The buffer capacity 0! 
this buffer is good at pH 4.5 but rather small «! 
pH 6.5. However, the acetate buffer was also used 
in experiments at pH 6.5 as it proved possible to 
obtain satisfactory reproducibility at this pH. 

Experience from previous investigations here 
established the necessity of using buffered salt solu- 
tions, if reproducible results are to be obtained. How- 
ever, in accordance with Klein (3), Brénsted and 
Kane (4), and others, reproducibility cannot be ob- 
tained in neutral or alkaline solutions even if they 
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sre buflered. According to Dunning and Kilpatrick 


g) this is due to the formation of HO: in the 


presence of Ov. 

~ As the apparatus for practical reasons could not be 
provided with thermostat regulation for maintaining 
, constant temperature, all experiments were per- 
formed at room temperature, about 19°C. This tem- 
perature, however, was subject to variations of only 


1° at the most. 

The concentrations of the metals added to the 
«lution on the whole were kept at 1-10 mg/l, as a 
higher concentration of impurities is not to be ex- 
pected in brine purified with alkali hydroxide and 
carbonate. In a few cases, however, solutions with 
metal concentrations up to 25 mg/l were investi- 
vated. Experiments with metals having strong amal- 
vam decomposing powers were carried out down to a 
few micrograms (y) per liter. 

The hydrogen formed was measured at equal in- 
tervals. The experiments generally lasted for 10-15 
minutes but in exceptional cases longer. In a few 
ases the experiment had to be stopped after 1-2 
minutes, as the hydrogen evolution was so violent 
that the contents foamed over. 

Amalgam containing 0.14 per cent Na reacts very 
Jowly with pure water. With a pure buffered solution 
of salt there is a somewhat livelier evolution of gas. 
\t pH 6.5 this amounted to about 2.0 ml Hz, in 12 
minutes. This evolution must be taken into account 
and so blanks were usually run with pure buffered 
alt solution before each experiment with solutions 
containing metal salts. The blanks also helped to 
establish the fact that the salt solution, buffer solu- 
tion, and mercury were not polluted. 

The metals used may be divided into two groups 
according to the state in which they were added: 
as cations—Fe, Cr, Ni, Ba, Ca, Mg; as anions—V, 
Mo, W, Mn. The effect of two metals present to- 
gether was also investigated to some extent. Each 
experiment was repeated at least twice. When not 
otherwise stated, the experiments were performed 
ita pH of 6.5. 


Experiments with Metals in the State of Cations 


(hromium.—This was added as a_ solution of 
Ur(SOy)3. As shown in Fig. 1, Cr has a great effect 
ipon the decomposition rate of amalgam. Even at 
5 mg/l the rate is markedly increased. Chromium 
may therefore be denoted as a very dangerous metal. 
i need not be expected in the brine of industrial 
“ectrolysis except when chromium-bearing steel is 
ised in the system. 

The figure shows that the evolution of hydrogen 
it the start of the experiment is noticeably slower 
than when it has been continued for so long that 
about 6 ml of hydrogen has been formed. If the 
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Fic. 1. Influence of Cr. a—Blank, pH 6.5, 100 p/min; 
b—0.5 mg/l Cr, pH 6.5, 100 p/min; c—2.5 mg/I Cr, pH 6.5, 
100 p/min; d—2.5 mg/l Cr, pH 6.5, 50 p/min; e—2.5 mg/1 
Cr, pH 6.7, 50 p/min; f—2.5 mg/I| Cr, pH 6.9, 50 p/min. 








© a 70 72 Mn 


Fic. 2. Influence of V. a—Blank; b—0.125 mg/l V; c 
0.5 mg/l V; d—2.5 mg/I V. 


experiment is performed at a lower shaking fre- 
quency, this effect is more pronounced. The explana- 
tion is that when about 6 ml of hydrogen has been 
evolved, the pH of the solution has risen, thus 
making the solution slightly alkaline. The phenom- 
enon may be explained by assuming the effect of 
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chromium to be stronger in alkaline solution than in 
acid. In confirmation of the correctness of this in- 
terpretation two experiments performed at pH 6.7 
and 6.9 may be mentioned and are shown by the 
same figure. The bend of curve d is displaced in the 
direction of decreasing time as the pH value increases, 

Summing up, Cr is a metal that increases the 
decomposition rate of amalgam, being moderate in 
acid solution while in alkaline solution it is very 
great. To denote Cr as being fairly harmless would 
be misleading. Certainly the brine during electrolysis 
is acid, but this solution has a small buffer capacity, 
and the solution layer nearest to the mercury may 
very well have a considerably higher pH than the 
bulk of the solution. This is of course always the case 
if the solution contains other metals that give rise to 
hydrogen evolution. Chromium should be a_par- 
ticularly dangerous impurity in the presence of such 
metals and may even cause evolution of hydrogen 
itself as the pH close to the cathode rises. 

In the case of the metals Fe, Ca, and Mg the ex- 
periments described here confirm the observations 
of Walker and Paterson (6) that these metals do not 
influence the decomposition rate of amalgam. With 
Ni, diverging results were obtained, since they found 
that this metal at a concentration of 2.5 mg/| caused 
considerable hydrogen evolution during electrolysis. 
Whether this discrepancy is due to the totally dif- 
ferent experimental methods or to other reasons can- 
not be decided. 


Experiments with Metals in Anions 


There is no great difference between the metals 
previously discussed and those in anions, as the 
metals in the latter group are reduced by the 
amalgam to such an extent that it would be equally 
well grounded to assign them to the first group. For 
the sake of clearness, however, these groups have 
been used, although actually this only implies that 
the metal has been added in the state of an anion. 
Vanadium.—In these experiments V was added as 
sodium metavanadate or as vanadyl sulfate. Both 
compounds had the same effect. 

As is shown by Fig. 2, V, even in concentrations 
less than 1 mg/I, has a strong effect upon the de- 
composition rate of amalgam. Thus at a compar- 
atively early stage it was clear that V might very 
well be the cause of the trouble in the chlorine- 
caustic industry mentioned above. Later investi- 
gations on the effect of vanadium in the presence of 
other metals verifies this theory. 
Molybdenum.—This metal was tested because its va- 
lence, like that of vanadium, is variable, a fact that 
might possibly explain the great hydrogen evolving 
power of vanadium. 

A number of experiments were performed with 
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2.5 mg/l Mo (as sodium molybdate). Thes: resulted 
in the decomposition rate curve shown in Fig. 3 
which was somewhat higher than obtained with y 
at the same concentration. Molybdenum must there. 
fore be denoted as a most dangerous impurity, whic), 
fortunately, however, may hardly be expected in thp 
brine of industrial electrolysis. 

Tungsten.—Added as sodium tungstenate at a op. 
centration of 2.5 mg/l W. No hydrogen evolution jy 
excess of the blank was obtained. 
Manganese.—Added as potassium permanganate 4; 
a concentration of 2.5 mg/l Mn. No hydrogen eyo). 
tion exceeding that of the blank was obtained. 
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Fic. 3. Influence of Mo. a —Blank; b—2.5 mg/] Mo 


Experiments with Two Metals Present Together in |) 
Salt Solution 


In the experiments with iron a hydrogen evolutio 
was obtained equal to or very slightly greater tha! 
that of the blank. In a few cases, however, co- 
siderably larger amounts of gas were measured. This 
was surprising, the reproducibility of previous e\ 
periments having been satisfactory. As the phenom- 
enon seemed interesting, it was subjected to close! 
investigation. 

A plausible explanation was that some other im- 
purity had polluted the solution in these experiments 
Indeed, hands and apparatus were carefully cleaned 
between the experiments, but the possibility of trace: 
of some metal previously tested still being in the 
apparatus was not excluded. 

To test the correctness of this hypothesis a fe 
experiments were performed in which both Fe and 
V were added to the salt solution. 
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The cas evolution in this case was so violent that 
the conicnts of the flask foamed over. The measure- 
ments indicated that the reaction rate was many 
fimes greater than that obtained with vanadium by 


itself. ‘The unsuccessful experiments with Fe were 
thus considered fully explained. 

The experiments were then extended to comprise 
other combinations of metals also. A summary of 
these experiments is given below. 

Iron and Vanadium.—Two series of experiments were 
performed. In the first, the vanadium concentration 
vas kept constant at 0.125 mg/l whilst the iron 


PTS 











Fia. 4. Influence of V + Fe. a—Blank; b—2.5 mg/l! Fe; 

0.125 mg/l V; d—0.125 mg/l V + 0.25 mg/I Fe; e—0.125 
mg/l V + 0.50 mg/l Fe; f—0.125 mg/l V + 1.00 mg/l! Fe; 
y—0.125 mg/l V + 2.50 mg/l Fe. 


concentration was varied from 0.25 to 2.5 mg/I; in 
the second, the iron concentration was kept at 2.5 
mg/l and the vanadium concentration varied. Both 
series were performed at a pH value of 6.5. The re- 
sults are best represented graphically (Fig. 4 and 5). 
Here it is observed that the combination Fe and V 
has an effect many times greater than V separately 
nd therefore together must be regarded as a dan- 
gerous combination of impurities. At the iron con- 
entrations normally present in the brine, a vana- 
lium concentration of 25 y/l is no doubt sufficient 
‘0 give rise to an amount of hydrogen in the chlorine 
arge enough to make the explosion danger imminent. 

A series at pH 4.5 was performed also (Fig. 6). 
“wing to the large value of the blank at this pH, the 
Curve series assumes a more compressed appearance. 
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Fic. 5. Influence of V -!- Fe. a—Blank; b—2.5 mg/I Fe; 


c—2.5 mg/l Fe + 0.025 mg/l V; d—2.5 mg/l Fe + 0.050 
mg/l V; e—2.5 mg/l Fe + 0.075 mg/l V; f—2.5 mg/I Fe + 
0.125 mg/l V; g—2.5 mg/I Fe + 0.250 mg/I V. 
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Fig. 6. Influence of V + Fe at pH 4.5. a—Blank; b 
0.125 mg/l V +; c—0.125 mg/l V + 0.25 mg/l Fe; d—0.125 
mg/l V + 0.50 mg/l Fe; e—0.125 mg/l V + 1.00 mg/I! Fe; 
f—0.125 mg/l V + 2.50 mg/l! Fe. 


These experiments were performed at 75 shakes per 
minute. 

Vanadium and Nickel.—-In experiments with 0.125 
mg V and 2.5 mg Ni per liter no hydrogen evolution 
was caused beyond that obtained with V separately. 
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Vanadium and Chromium.—A series of experiments 


was performed with a chromium concentration of 
2.5 mg/l and concentrations of vanadium up to 
500 y/l. With this combination no strengthening of 
the effect of vanadium or chromium was obtained 
(Fig. 7). On the other hand, a displacement of the 
curves was obtained similar to that in the experi- 
ments with chromium at higher pH. In the presence 
of vanadium the reaction rate at the start of the 
experiment is higher and alkaline reaction of the salt 
solution is reached more rapidly. The delay of the 
reaction rate at the beginning of the reaction with 
Cr alone is reduced by the addition of V. Naturally, 
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Fic. 7. Influence of Cr + V, 50 p/niin. a—2.5 mg/I Cr; 
b—2.5 mg/l Cr + 0.1 mg/l V; e—2.5 mg/l Cr + 0.2 mg/l V; 
d—2.5 mg/l Cr + 0.5 mg/l] V. 


a further considerable reduction takes place if Fe 
is present also. The simultaneous presence of V 
and Cr must therefore be regarded as dangerous. 
Vanadium and Manganese.—Vanadium (0.5 mg/!) 
was added as vanady! sulfate and manganese (2.5 
mg/l) as potassium permanganate. No increase of 
the reaction rate could be observed. 

Vanadium and Molybdenum.—Molybdenum was 
added as sodium molybdate and vanadium as sodium 
metavanadate. At 2.5 mg/l Mo and 0.25 mg/I! V no 
gas evolution was obtained beyond that given rise 
to by Mo and V separately. 

Iron and Magnesium.—<According to the investiga- 
tions of Walker and Paterson (6) there is an increase 
of the decomposition rate of the amalgam in the 
presence of Fe and Mg. Experiments performed here 
with Fe and Mg have confirmed these results. The 
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experiments were performed with 5 mg/| Fe ay) 
25 mg/l Mg and the decomposition rate obtaing 
was about 3 times greater than that of the blank 





(Fig. 8). In industrial electrolysis the simultaneoy; 
presence of Fe and Mg at the concentrations mep. 
tioned may very well give rise to an explosive miy. 
ture of chlorine and hydrogen. However, compared 
with Fe and V they are less dangerous. 

Tron and Calcium.—5 mg/| Fe and 25 mg/i Ca did 
not give rise to any hydrogen evolution exceeding 
that of the blank. With 3 mg/l Fe and 200 mg/| (, 
Walker and Paterson (6) obtained a distinct dp. 
composition of the amalgam. 
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Fic. 8. Influence of Mg + Fe. a—Blank; b—5 mg/! |! 
+ 25 mg/l Mg. 





Iron and Barium.—-With 5 mg/l Fe and 25 mg 
Ba no evolution of hydrogen beyond the blank wa: 
obtained. 





SUMMARY 


The decomposition rate of 0.14 per cent sodiu 
amalgam shaken with NaCl solutions buffered wit! 
sodium acetate and acetic acid and to which various 
metal salts had been added, has been studied. 

The investigation included the effects of Fe, (, 
and Mg, as they constitute the principal impurities 
of rock salt and sea salt, Ba, which in the precipita 
tion of sulfate with BaCl, may be added to the 
brine in excess, and V, which may sometimes in smal 
quantities be conveyed from the graphite anodes 
and which is considered particularly Cangerous. The 
effects of Ni, W, Mn, Mo, and Cr, which may come 
from contact of the brine with steel, have also bee? 


studied. 
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At pli 6.5, Fe, Ca, Mg, and Ba at concentrations 
up to 25 mg | and Ni, W, and Mn at concentrations 
up to 2.5 mg, |, have separately proved not to in- 
duence the decomposition rate of amalgam. On the 
other hand, at the same pH value V, Mo, and Cr at 


, concentration of 2.5 mg/1 and less have been found 


«) increase the decomposition rate strongly. The 
effect increases in the order V, Mo, and Cr. The 
influence of Cr increases as the pH rises and is 
therefore promoted in the presence of other metals 
that give rise to the evolution of hydrogen and 
onsequently to an increase of the pH value. 

The effect of V is mtensified many times over in 
the presence of Fe. Fe together with Mg has also 


proved to increase the decomposition rate of amal- 


vam, but this increase is, however, slight compared 
with that caused by V, Mo, and Cr. On the other 
hand, the combinations V + Ni, V + Mn, and V + 


Mo have proved not to lead to any increase of the 


effect manifested by V and Mo separately. Finally, 


the combinations Fe + Ca and Fe + Ba have been 
found te be without effect upon the amalgam de- 
composition, which is also the case when these metals 
are taken separately. 

For the present, the attempt to explain more fully 
the influence of small quantities of V, Cr, and Mo 
ipon the decomposition rate of sodium amalgam 
must wait. 

Finally attention should be called to the fact that 
these investigations bear only on the effect of the 
ompounds in question upon the purely chemical 
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reaction when sodium amalgam decomposes in con- 
tact with a saturated solution of NaCl, and that the 
conditions in certain respects may turn out somewhat 
differently in electrolysis in a mercury cell. 
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Electrolysis by the Mercury Cell Process 


Il. Further Investigation of the Influence of Metallic Impurities upon the 
Decomposition Rate of Sodium Amalgam' 





GoOstaA ANGEL 


tion rate of sodium amalgam by shaking with buffered solutions of NaCl has shown that 
in the absence of other impurities Cu, Zn, Al, and As in a concentration of 5 mg/I have 
practically no influence on the decomposition rate, but that Al and As in a concentra- 
tion of 25 mg/I increase it to a slight extent. In the presence of V both Cu and As act as 
promotors, and greatly intensify the influence of vanadium. This is in accordance with 
earlier experiences with Fe and V. Furthermore, it has been found that Ta belongs to 


Influence of Impurities in the Electrolyte in Chlorine-Caustic 


\ND Ror BRANNLAND 
Division of Applied Electrochemistry, Royal Institute of Technology, Stockholm, Sweden 


ABSTRACT 


Continued investigation of the influence of metallic impurities upon the decomposi- 














the same highly reactive group of metals as V and Mo, while Ti occupies a place be 


tween the harmless and the harmful impurities 


INTRODUCTION 


As a part of a systematic investigation of the in- 
fluence of impurities in the electrolyte in chlorine- 
caustic electrolysis by the mercury cell process and 
in continuation of earlier research work by Angel 
and Lundén (1), the influence of a number of other 
metallic impurities upon the decomposition rate of 
sodium amalgam has been studied. The effects of 
copper, zinc, aluminum, arsenic, tantalum, and ti- 
tanium were studied, since these metals may for 
various reasons occur in the brine used in the in- 
dustrial process. 

Copper from the busbars may contaminate the 
brine. Fraenckel and Heinz (2) studied this im- 
purity rather briefly, and reported it to be harmless. 

Certainly considerable quantities of Zn, and in 
some cases also Al, are dissolved from the rubber 
lining which is commonly used in mercury cells and 
which is quite rapidly destroyed by hot, moist 
chlorine gas. Aluminum may also come from storage 
tanks made of cement. The influence of As has 
been studied mostly for theoretical reasons, since 
this metal is known as a typical catalyst poison. 

The metals Ta and Ti have been examined be- 
cause of their eventual use in electrode construc- 
tion, e.g., as a carrier for platinized anodes. The 
action of Ta was investigated by Miiller and Riedel 
(3) who also tested alloys of Cr, Mo, and V with Fe, 
and demonstrated the possibility of increasing the 

' Manuscript received October 5, 1951. The authors have 
kindly consented to a delay in publication so that this 


paper may be published in the special Industrial Electro 
lytic Issue. 


decomposition rate of the sodium amalgam in tly 
secondary cells by using such alloys. 

A greatly increased amalgam decomposition rat 
in the simultaneous presence of Fe and Mg was 
observed by Walker and Paterson (4), and a simila: 
effect with Fe and V was later studied by Angel and 
Lundén (1). For this reason the effect of all the metals 
mentioned above was studied in the presence 0! 
vanadium. 


Experimental 


The experiments were performed using the simp) 
method described in a preceding paper (1). 

In all experiments, 180 ml saturated solution | 
NaCl, analytical reagent (about 330 g/l), 10 n 
acetate buffer with a pH of 6.5, and water or meta 
salt solution up to a total volume of 195 ml wer 
taken. Immediately before the start of each exper 
ment 5 ml sodium amalgam was added, after whic! 
the flask was sealed and the volume of hydroge 
evolved was estimated every 2 minutes, general!) 
for 12 minutes. 

As a control, blanks were run to demonstrate the 
cleanliness of the apparatus, by shaking amalgam 
with buffered NaCl solution without the addition 
of any other substance. The volume of hydrogen 
given by these blanks was found to depend on thi 
origin of the salt, but in no case did it exceed 0! 
ml/min. 

After each experiment the apparatus was ¢%- 
tremely well cleaned, since mere traces of certall 
metals were found to have a noticeable influence 0! 
the amalgam decomposition. 
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Kxpriments with Addition of Only One Metal 





The results are represented in diagrams as de- 
composition curves. Those metals which proved to be 
comparatively harmless, viz., Cu, Zn, Al, and As, 
vere added in concentrations of 25 and 5 mg/I, 






vhile the more dangerous metals Ta and Ti were 
studied in concentrations of 5, 1, and 0.25 mg/l. In 
all cases the results were checked by repeated ex- 







periments. 
Copper added as sulfate.-The evolution of hydrogen 
was very slight; with the highest Cu concentration it 






was even less than in the blanks. This tendency was 
also noticed by Fraenckel and Heinz (2). Thus pure 






Cu may be characterized as an absolutely harmless 





met al. 







all, 




















Fig. | 
mg/l Al. 


Influence of Al. a 








Zine added as sulfate.—In the lowest concentration 
(9 mg/l) Zn gave the same gas value as a blauk. 


In higher concentration the evolution of hydrogen 






was also small, and, furthermore, the rate of evolu- 





tion was constantly decreasing, so this metal also 
may be classed as harmless. 

Aluminum added as chloride.—The influence of this 
salt was perceivable even in the lowest concentra- 








tion, both on account of the increased gas evolution 
and on account of the typical white foam that was 
lormed on the brine surface a few minutes after the 
start of the shaking. Fig. 1 shows that Al is com- 
paratively harmless in low concentrations, but that 
higher concentrations (> 5 mg/l) should be avoided. 
Arsenic added as AsoO3 in concentrations of 5 and 25 
my /. Values of the same order of magnitude as 
with Al were obtained, but the curvature of the 
graphs (Fig. 2) was somewhat different. Since the 
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arsenic curves have an increasing rate of gas evolu- 
tion, this element must be considered more harmful 
than aluminum. 


ml bi, 
6 

















/2 min 
Fig. 2. 


mg/l As. 


Influence of As. a—Biank; b—5 mg/l As; e—25 


ai h,) 


484 











2 + 6 ” /o /2 Run 
Fic. 3. Influence of Ta. a—Blank; b 
1 mg/l Ta; d 1 mg/l V. 


0.25 mg/l Ta; c 
5 mg/l Ta; ¢ 


Tantalum.—This was obtained in a soluble form by 
treating Ta,O; with molten KHSO,, and was added 
in concentrations of 5, 1, and 0.25 mg/! (Fig. 3). 
As a comparison, a curve for V in the concentration 
of 1 mg/! has also been drawn in the diagram. This 
curve shows that even in very small concentrations 
Ta has a very strong influence on the amalgam 
decomposition, the same order of. magnitude as that 
of V and Mo. The solubility of Ta and Ta salts is 
however muck less, which may explain the low 




















bt 


values for metallic Ta given by Miiller and Riedel 
(3). In any case, Ta must be regarded as a harmful 
metal in the same class as V and Mo. 










Titanium added as TiOSO, tn concentrations of 5 and 
! mg/l.--This metal showed a considerably lower 
effect (Fig. 4) than Ta, e.g., in the lowest concentra- 
tion the value of the blanks was only slightly ex- 
ceeded. For this reason the metal ought to be placed 
between the harmful and the harmless substances. 
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Fig. 4. Influence of Ti. a 
5 mg/l Ti; d—1 mg/l! V. 


Blank; b—1 


Experiments with Vanadium in the 
Another Metal 


Presence of 




























Vanadium and copper.—The addition of 0.125 mg 
V/l and 5 mg Cu/! gave a vigorous evolution of 
hydrogen, but after a few minutes the evolution 


| rate decreased considerably. For comparison, the 
result of an experiment with the same quantity of 





i Fe (1) is represented in Fig. 5. When the amalgam 
was partly decomposed, brown spots could be seen 
on its surface, and on these spots the gas evolution 
took place with great intensity. Thus, Cu as well 
as Fe may be looked upon as a promotor for the 
effect with vanadium. 

| Vanadium and zinc.—The experiments show (Fig. 6) 

’ that V and Zn together have a somewhat lower 

i effect than that of pure V upon the decomposition 

- rate, and therefore the combination is of no special 

interest. 


With a mixture of V and 
Al practically the same gas evolution was measured 


Vanadium and aluminum. 


as with the same concentration of pure V (Fig. 6), 
but in addition a white foam was observed similar 
to that in the experiments with aluminum alone. 





The combination in question is evidently fairly harm- 


less. 
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Vanadium and arsenic. 


Noven 


As it had been stats 


that V, even in very low concentrations, 


increases the decomposition rate of sodium an 


the investigation of the influence of such a 


catalyst poison as As was considered high}; 
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esting from a theoretical point of view. Fig. 5 shows 
that in this case no inhibitor effect occurred, bul 
instead As, like Fe and Cu, acted as a promotor and 
gave a steadily increasing decomposition rate. 


Vanadium 


. . . as 
same quantity of pure vanadium, and therefore tats 


and titanium. 
(0.125 mg/l) and Ti (1 mg/l) showed only slightly 
increased decomposition rate compared with the 
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Fic. 6. Influence of V + Zn and V + Al.a 
b—5 mg/l Zn + 0.125 mg/l V; ¢ 
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Fig. @ 
Vanadium and tantalum.—To complete the investi- 
sation ‘he combination of the related metals V and 
Ta was also tested (concentrations 0.125 mg V/I 
and 0.25 mg Ta/l). As previously expected, Fig. 7 
shows that the effect of ions together was about the 
same as the sum of the effects of each ion separately. 












PiscUSSION OF THE PH CHANGE OF THE SOLUTION 

It was noted by Angel and Lundén (1) that, at 
pH 6.5 and above, the buffer capacity of the acetate 
added in each experiment is rather small. The pH 





changes during the amalgam decomposition have 





heen caleulated from the equation: 






(Cx - CH;,0* Coun /(C <a Cp 


Con-) = KA, 


CHO CH30+ + 





in which Cy,o+ and Coy- represent the hydronium 


and the hydroxyl ion concentration respectively, 





(’, is the sodium concentration, C the acetate con- 





centration, and K, the dissociation constant of acetic 
acid (= 18 X 10-° at 25°C). At the start of an 
experiment the values in mole/liter are: ¢y,o+ = 
3.5 K 10-7; C » = 0.0980; C = 0.0997. The increasing 
pH value is calculated directly as a function of the 







measured gas quantity. One ml hydrogen gas (20°C 





and 760 mm Hg) corresponds to an increase of the 
sodium ion concentration of 0.0004 mole/liter. For 





volumes of hydrogen up to 5 ml, the following 





approximation can be used: 





CH,0+ = kK, 





When 5 ml hydrogen have been evolved, the exact 


value is: 







‘K,-10-" 


ws oe 


centration of hydronium ions is approximately: 


and finally above 5 ml the con- 







io-* 


; Fig. 8 shows the result of the 
B 


Cy = 





above calculations. It is evident that the buffer ca- 





pacity practically ceases when the quantity of hy- 
drogen evolved is about 4-5 ml. 






The large pH changes demonstrated in the diagram 
probably give rise to effects seen in Fig. 5, where the 
decomposition rates for V + Feand V + Cu decrease 
considerably. This cannot be explained by the de- 
creasing sodium concentration in the amalgam, as a 









complete decomposition corresponds to 49 ml hydro- 


fer evolved. 





\ probable explanation is that iron and copper 





form colloidal hydroxide precipitates, which grad- 
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ually adsorb most of the vanadium, and in this way 
deactivate the harmful metal. 
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Fic. 7. Influence of V + Tiand V + Ta.a 
b—1 mg/l Ti + 0.125 mg/l V; ¢ 
mg/l V. 
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Fig. 8. pH change during amalgam decomposition. a 
Without buffer; b—with buffer. 


Observations Concerning the Decomposition of the 
Sodium Amalgam 
This work is of too empirical a nature to form a 
basis for any theories of the reaction mechanism for 
amalgam in the 
presence of certain impurities. But, during the ex- 


c 


the decomposition of sodium 
periments some observations were made which may 
be of interest from a theoretical point of view. 

In most of the experiments the phenomenon de- 
scribed by Brénsted and Kane (5) was observed: 
that the hydrogen gas evolution from the amalgam 
suriace took place at a limited number of spots, 
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while the main part of the amalgam surface was free 
from bubbles. This was the case with the blanks, 
with all solutions containing vanadium, and with 
pure zinc, arsenic, tantalum, and titanium salts. 
On addition of certain pure salts, viz., those of 
copper and aluminum, the phenomenon disappeared, 
and the gas evolution took place all over the sur- 
face. Especially remarkable is the fact that an ad- 
dition of Cu alone prevented the formation of active 
spots, while a mixture of Cu and V formed such 
reaction centers. In the latter experiment a brown 
deposit was observed on the spots, probably origin- 
ating from Cu. 


SUMMARY 


The effect of small quantities of salts of Cu, Zn, Al, 
As, Ta, and Ti upon the decomposition rate of 
sodium amalgam in contact with a saturated salt 
solution has been studied by shaking 0.14 per cent 
amalgam at 19°C with a buffered solution of NaCl 
(pH 6.5). 

Contamination of the brine with Cu has been 
found to be harmless if no other impurities are 
present in the solution, but most serious in presence 
of small quantities of a strongly active metal, such 
as V. 

Zn and Al are harmless in concentrations up to 
5 mg/l, even when mixed with V. 

Arsenic has no poisoning effect upon V, but, on the 
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contrary, increases the influence of that harms, 
metal. 

Tantalum accelerates the decomposition of sodiyy 
amalgam just as much as V, Mo, and Cr, which hay, 
been investigated previously. Ti on the other han 
occupies a place between the harmful and the harp. 
less metals. The possibility of employing Ta and} 
for electrode construction is therefore connected wit) 
the solubility of these metals under the conitioy 
prevailing during the electrolysis. 
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INTRODUCTION 





The application of cathode polarization measure- 





ments with a Haring Cell to the determination of the 





concentration of addition agents, particularly gel- 
atin, in acid copper sulfate electrolytes, has been 






discussed in previous publications from this labo- 





ratory (1-3). The possible use of reflection measure- 





ments for the same purpose is the subject of the 





present paper. 
Reflection methods have been used to advantage 






in studying the nature of composition of materials 
in mineralogy and metallography (4), in the manu- 
facture of paper (5), lacquers and paints (6), textiles 







7), etc. In particular, a method for evaluating the 
brightness of mirror-like electrodeposits has been 






developed (8, 9), and it has been suggested (10, 
11) that determination of the reflectivity of elec- 







trodeposits should be of value in correlating data on 
metallic finishes. 






EXPERIMENTAL AND RESULTS 





Apparatus and Procedure 






A parallel beam of light, the intensity of which 





could be precisely controlled, was projected at an 
angle of 45° on to the sample held in a fixed position 
in a light-tight enclosure lined with nonreflecting 
black cloth. The light reflected at 45° from the 
‘onstant elliptical area of the sample so illuminated 
Was received on a photronic cell attached to a sensi- 
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ABSTRACT 


Measurements of the specular reflectance of copper electrodeposits indicated that 


tration of gelatin, or glue, in the electrolyte, but not for bindarine. 
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any change in deposition conditions leading to increased polarization increased re- 
flectance. Reflectance was observed to increase slightly with a decrease in metal ion con- 
centration and an increase in acidity, while larger increases were observed when the ap- 
parent current density was raised or the temperature lowered. Addition of gelatin to 
the electrolyte caused considerable increase in the reflectivity of the deposits, while a 
smaller increase was observed in the presence of bindarine (goulac). The results indi- 
cated that reflection measurements could be used as a method for control of the concen- 





tive galvanometer, and was essentially due, there- 
fore, to specular reflection. 

Following the procedure of Cinamon (10), re- 
flectivities were determined with reference to a stand- 
ard silver surface, obtained by deposition from a 
cyanide bath, followed by electropolishing (12). 

Each copper electrode (2'5 in. x 1 in.) was cleaned 
and brought to a steady-state condition of the sur- 
face by deposition under rigidly controlled condi- 
tions, as described earlier (1), thus eliminating the 
influence of the base metal. The desired deposit for 
reflection measurements was then obtained on this 
standard initial surface, by using the prepared elec- 
trode as cathode between two copper anodes of the 
same dimensions, under the chosen conditions of 
electrolysis. The thickness of the deposit varied be- 
tween .03 and .06 mm, depending on the conditions 
used. Following electrolysis, the cathode was re- 
moved from the electrolyte, washed in boiling dis- 
tilled water for a few seconds, then in acetone, and 
dried. This treatment was found to delay significant 
atmospheric oxidation for quite prolonged periods. 

The central portion only of the cathode face was 
illuminated during reflection measurements since the 
deposits were generally not completely uniform over 
the whole area immersed in the electrolyte. The 
amounts of reflection from the two faces of a given 
cathode usually agreed within 1 per cent of the 
average value, and the latter was taken to represent 
the reflectivity under the given conditions. Agree- 
ment between duplicate samples was generally within 
2 per cent at low reflectivities, and 4 per cent at 
higher values, provided a standard initial surface 
was used. 
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Reflectivity in the Absence of Addition Agent 


Using white light, the effect on reflectivity of 
varying the concentration of copper sulfate and 
sulfuric acid at a temperature of 24°C is shown in 


< 
FATE . s/t 

Fic. 1. Effeet of copper sulfate and sulfuric acid con 
centration on the reflectivity. (@ sulfuric acid, 2 amp/dm?; 
A sulfuric acid, 3 amp/dm*; @ copper sulfate, 2 amp/dm?.) 
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APPARENT CURRENT DENSITY, AMPS. PER DM2 
Fic. 2. Variation of reflectivity with apparent current 
density at various temperatures (125 g/l copper sulfate, 
150 g/l sulfurie acid). 


Fig. 1. The effect of changing the apparent current 
density at different temperatures is shown in Fig. 2. 
When held constant, the concentrations used were 
125 g/l for copper sulfate, and 150 g/l for sulfuric 
acid. The results are reported as per cent relative 
reflectivity, a value of 100 per cent being arbitrarily 
assigned to the standard silver surface under the 
same light intensity. 
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Reflectivity in the Presence of Addition A ven 





The change in reflection of white light, caused }, 









different amounts of gelatin in the same electrolyy, 
as before, and at a temperature of 24°C, is hown j th 
Fig. 3. Concentrations of gelatin of 20 and 50 mg on 
(not shown on the graph) gave mirror-like deposits th 
with relative reflectivities of 72 and 87 per coy; M 
0 
5] 
We 
pr 
th 
th 
a\ 
m 
re 
‘| 
d 
tl 
e 
d 
Fic. 3. Variation of reflectivity with addition ag ' 
concentration (O gelatin; @ bindarine; 2 amp/dm?; 24° d 
125 g/l copper sulfate, 150 g/l sulfuric acid). | 
TABLE I. Effect of gelatin and bindarine on 

reflectivity 

Temperature: 24°C; apparent c. d.: 2 amp/dm* , 


Gelatin conc. Bindarine conc. Relative reflect 
mg/l me/t 
2 0 38.6 
2 10 18.0 
2 10) 19.0 
2 100 24.4 
! 0 17.2 
4 10 19.4 
} 10) 22.¢ 
4 100 26.8 
















respectively. With bindarine (or goulac), a ligno 
sulfonic acid derivative extensively used as an a 
dition agent commercially, the change in reflectiv!! 
with concentration was very much less than wi! 
gelatin (Fig. 3). Combination of the two additio 
agents, a common commercial practice, gave ti 
results in Table I. 
Measurement of Diffuse Reflection 

In addition to the average reflectivities for whit 
light over relatively large areas of the cathode, de- 
tailed scanning of these surfaces was also made, 
using a recording photoelectric microphotometer. I! 
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trument, a narrow beam of parallel white 
ight fell on the cathode fixed on a traveling stage. 
The reflected beam passed to a photoelectric cell 
through a microscope arrangement. The light falling 
a photocell was reflected from a circular area of 


this 1 


on 
‘he cathode surface only 0.15 mm in diameter. 
Measurements were possible either perpendicularly 
to the surface (scattered light) or at an angle of 45° 
specular reflection). Both the scattering and specular 
reflections were determined for all the samples used in 
previous experiments. The results showed that, al- 
though the reflectivities were far from uniform over 
the length or width of the surfaces studied, the 
average specular reflection was in excellent agree- 
ment with the results obtained with the simpler 
equipment. As expected, scattering increased as 
specular reflection decreased. Zones of maximum 
disturbance were located mainly near the edges of 
the deposit. 


DISCUSSION 


In general, measurements of reflectivity proved to 
be much more sensitive than visual or microscopic 
examination of the surface for detecting changes in 
the erystal structure of the deposit resulting from 
different conditions of electrolysis. 

The results presented in Fig. 1 and 2 indicate that 
reflectivity is increased by a decrease in temper- 
ature and metal ion concentration, and by an increase 
in current density and in acid concentration. It 
should be noted that all changes in conditions of 
deposition leading to increased reflectivity were 
shown in previous studies (1-3) to raise the cathode 
polarization. 

The shape of the curves in Fig. 2 is of particular 
interest. For conditions of electrolysis approximately 
the same as those used in the present study, it has 
been shown that an essentially linear relation exists 
between the number of grains per unit area and the 
current density (13). If reflectivity were inversely 
proportional to the grain size alene, the curves of 
Fig. 2 should, therefore, be nearly linear. The ob- 
served rapid increase in slope may be explained by a 
rapid increase in degree of orientation of the crystals 
with inerease of current density, a behavior which 
has previously been reported (14). However, the re- 
lation between reflectivity, grain size, and crystal 
orientation is undoubtedly complex (15, 16). 

The formation of bright deposits at 2°C, Fig. 2, 
in the absence of addition agent, from a solution 
which invariably gave typically coarse deposits at 
room or higher temperatures, is interesting. Very 
high polarization values have been reported under 
these conditions (2). 

While the increase in reflectivity with increasing 
amounts of gelatin beyond the minimum value of 
0.50.5 mg/l was very pronounced, bindarine had 
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comparatively small influence on the reflectivity of 
the deposit, in spite of the fact that visual exami- 
nation indicated a decrease in grain size comparable 
with that caused by gelatin. This might be inter- 
preted to indicate that this addition agent has much 
less influence than gelatin on the orientation of the 
crystals. 

As a method for determining addition agent con- 
centration, use of reflectivity measurements would 
seem to be promising for gelatin alone, but unsatis- 
factory when bindarine is present. In research, such 
measurements would seem to provide a very sensi- 
tive means of detecting minute changes in surface 
characteristics of the deposit, thus permitting, for 
example, determination of the minimum concentra- 
tion at which an addition agent begins to exert its 
influence. Cinamon’s suggestion (10) that reflectivity 
measurements might be used to advantage in cor- 
relating and comparing research data on electro- 
deposits and metal finishes appears to be well 
founded. 
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ABSTRACT 


The variation of the cathode polarization potential with time during electrolysis at 









various current densities, and with cathode bases of different structures, has been 


studied. The effects of cold-rolled and annealed foil cathodes, showing preferred orienta- 


tion and random orientation, respectively, have been compared, and measurements have 


also been made using electrodeposited ‘‘constant state polarization’’ bases produced 


under standard conditions, and electrodeposited bases of coarse and fine structure. The 


deposits formed under some of these conditions have been examined by x-ray methods. 


The results support the view of Blum and Rawdon that the cathode polarization is re 


lated to crystal size and a change from a coarse to a fine structure is accompanied by an 


increase in polarization potential. 


INTRODUCTION 


It was shown in Part I (1) that, under rigidly 
controlled conditions, the polarization potential at a 
copper cathode during electrodeposition of copper 
from copper sulfate-sulfuric acid baths at a current 
density of 2 amp/dm?, although initially variable, 
attains after 20-30 min a steady value, the ‘‘con- 
stant state polarization” (or C.S.P.) potential. For 
the stabilized standard solution (125 g/l CuS0O,, 
5H.O, 50 g/l HeSO,) at 25.0°C this was 100-105 
mv. The initial variations obtained with different 
cathode bases were attributed to the influence of the 
base upon the structure of the first layers of copper 
atoms (2), an influence which becomes less pro- 
nounced as the deposit becomes thicker. 

Sand (3) and Hughes (4) found the erystal struc- 
ture of electro deposited copper to be unaffected by 
the structure of the cathode base. However, on the 
basis of a metallographic investigation of copper 
deposited from acid copper sulfate solutions at 0.8 
amp /dm?*, a condition considered to favor crystal 
reproduction, Blum and Rawdon (5) concluded that, 
provided the base were acid-etched to remove oxide 
films, the electrodeposited metal possessed both the 
crystal form and the orientation of the substrate. 


Manuscript received August 9, 1951. This paper pre 
pared for delivery before the Montreal Meeting, October 
26 to 30, 1952. 






The reproduction in the deposit of etch figures 
formed by deep etching of the base metal seemed to 
substantiate their conclusions. Working at the higher 
current density of 3 amp/dm?, Graham (6) found 
that even with a buffed cathode surface the structure 
of the initial layers of atoms and the initial values oi 
the cathode polarization potential, as measured wit! 
a calomel half-cell, were largely determined by th 
base structure. 

A more complete picture of the subject was o! 
tained from the x-ray diffraction studies of Wood 
(7), who found that only with chemically clea 
surfaces did the electrodeposit assume an orientatio! 
similar to that of the base. Even with such a clea 
surface, however, the effect of the base began | 
disappear at current densities above 1.2 amp/dm 
and at 1.5 amp/dm? the deposited grains were 4 
ranged at random. In this investigation Wood used 
sheet copper cathodes rolled to various extents an¢ 
with differing degrees of preferred orientation, | 
conjunction with a solution (200 g/l CuS0O,, 51.0, 
100 g/l H.SO,) which was particularly favorable for 
crystal growth. From microscopic studies Philips 
and Meyer (8) inferred that the critical curret! 
density was 2.2 amp/dm*, above which the erysts! 
structure was determined by electrolyte conditions 
and this has been supported by similar studies b) 


Cuthbertson (9). It is important to note, however, 
that this critical current density will depend upon the 
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trolyte conditions. Wood does not record 
she temperature of his bath during deposition; Cuth- 
hertson’s deposits were obtained at 30°C but he used 
, rather different electrolyte (200 g/l CuSO,, 5H.O, 
4) g | HS8Oy, 10 g/l potash alum). 

The choice by Gauvin and Winkler (2) of 2.0 
amp/ dm? as the current density for the production 


exact er 


of a standard electrodeposited base at which to 
tudy the change of polarization potential with cur- 
ont density was based upon Wood’s observation 
that these conditions would lead to random orienta- 
‘ion of the grains, and their conditions were followed 
» our studies of polarization potential-current den- 
sity curves, recorded in Part II (10). In view of the 
esults then obtained, a more complete study of the 
offect of the base structure on the deposit was de- 
sirable, and it was logical to assume that any such 
effect should be reflected in polarization potential- 
time curves. A study of the latter was also necessary 
» order to determine the relationship between the 
CS.P. values at various current densities and the 
orresponding values on the polarization potential- 
urrent curve, Which had been obtained by increasing 
the current in regular increments at definite time 
ntervals. In addition it was of interest to correlate 
the polarization results with a study of the effect of 
the base structure on the crystal -orientation. The 
iechniques available for studying crystal structure 
nclude the x-ray diffraction, electron diffraction, and 
microscopical examination. Of these complementary 
methods, electron diffraction only is suitable for thin 
ims (11). For the relatively thick deposits to be 
studied in this investigation the x-ray method was 
hosen as being the simplest and most reliable tech- 
nique in attempting to correlate crystal structure 
with cathode polarization potential. 


EXPERIMENTAL METHODS 


The technique used in producing the deposits and 


5 |i measuring the cathode potential was as described 


n Part I (1). The copper bases were all in the form 
f pure copper foil, 0.004 in. thick, which could 
onveniently be fitted into the modified Haring cell. 
lo avoid errors due to surface strain which might 
result from mechanical polishing, all specimens were 
prepared by degreasing with benzene, cleaning in hot 
electrolytic cleaner, and polishing electrolytically. 
\fter this treatment they were washed, first with 
rater, then with dilute sulfurie acid to remove any 
‘lm of copper phosphate, and finally with water 
gain, before assembly in the Haring cell. 

In the comparison measurements two cells were 
ised in series, with cathodes of the two forms which 
‘ Was desired to compare. Measurements of the 
bolarization potentials at various time intervals were 
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obtained simultaneously for the two cathodes, so 
than experimental conditions were identical for e wh. 

Excepting where otherwise stated the electrolyte 
was of our standard concentration (125 g/l CuSQ,, 
5H.O, 50 g/l H.SO,), the stabilized solution (Syjen ) 
and nonstabilized solution (S;ow), which yield C.S.P. 
values of 100-105 mv and 50 mv, respectively, at 
2 amp/dm®* being prepared as previously described. 
The temperature was maintained at 25.0°C. 

For the x-ray investigation a standard Hilger 
flat plate, back-reflection camera with a single (0.4 
mm diameter) pinhole was used in conjunction with 
a Hilger x-ray tube operating at 35 kv peak and 30 
ma. Unfiltered copper radiation was used through- 
out, the specimen te film distance being about 1.8 
cm. The reflections recorded were those from the 
(331) and (420) planes. The table on which the 
specimen was mounted could be moved about 1.5 
mm backward and forward in a plane perpen- 
dicular to the x-ray beam. This device was used only 
when the copper deposit was so coarsely crystalline 
that it yielded only a small number of spots on the 
film, so discontinuities in the rings due to preferred 
orientation were difficult to detect. By examining : 
larger area of deposit in this way sufficient reflec- 
tions could be obtained to show any characteristic 
“hindering” of the diffraction rings. The preferred 
orientation of the deposit in the plane of the cathode 
surface only was observed. As the incident x-ray 
beam was normal to the surface of the copper the 
patterns give no indication of the orientation normal 
to the surface. 

To ensure that the diffraction patterns obtained 
were produced solely by the deposit and not by the 
copper base, the thickness of copper deposit on a 
silver base necessary to eliminate completely the 
silver lines in the x-ray diffraction pattern was de- 
termined. Deposition at 2 amp/dm? for 30 min 
(3600 coulombs/dm*) was found to suffice, so it was 
inferred that, since the diffracted beams from the 
(331) and (420) planes of silver are more intense 
than those from the same planes of copper, the 
passage of 3600 coulombs/dm? allowed a consider- 
able safety margin in ensuring that no reflections 
were obtained from the base metal when the latter 
Was copper. 


EXPERIMENTAL RESULTS 


The effects of the base structure on the crystal 
orientation of the deposit and on the polarization 
values during electrodeposition have been studied 
with two types of base differing in crystal structure. 
Type A was cold-rolled copper foil with a pro- 
nounced preferred orientation in the direction of 
rolling (Fig. 1A), whilst type B was produced from 
A by prolonged low-temperature annealing until 












samples gave x-ray diffraction patterns devoid of 




















































tential increases with time. At low current densities 
the initial values for the two types of foil do not 
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differ greatly, but as the thickness of th deposi 

















YH 
preferred orientation (Fig. 1B). As the cathode increases the polarization potential for the annea) ati 
polarization potential was likely to prove an index of foil increases more rapidly than that for the eq\ the ¢ 
the character of the deposit, its variation with time rolled foil, and is finally 20 mv greater thay fo, th, the | 
has also been studied during electrodeposition on: latter type. At 0.6 to 1.2 amp/dm? the initia! value str 

|. “Constant state polarization”? bases deposited differ, but the final figures for the two types of fy ditio 
on the annealed foil at 2 amp/dm’. are more nearly equal, while at still higher euro, 
densities the final results are almost identica| T 
' 
1" 
0.2 
u 
().( 
1 
| 
l 
1A. X-ray diffraction pattern—cold-rolled foil Fic. 1B. X-ray diffraction pattern—annealed fo 1 
TABLE I. Variation of polarization with time using cold-rolled (type A) and annealed bases (type B) 
Current Cathode polorization potential (mv) after time in min mn 
Number Basetype density 
amp/dm? 0 1 2 10 20 40 60 100 160 240 400 3 
2 25 23 | 23 23 
2 B 0.2 29 27 26 26 25 24 26 28 14 54 54 54 
3 A 0.4 25 28 26 27 28 29 33 37 $2 19 19 
t B 0.4 28 27 32 33 34 37 44 52 60 69 69 
5 A 0.6 27 30 32 32 33 38 39 39 10 
6 B 0.6 is 18 19 15 $2 44 18 19 51 
7 \ 1.0 65 66 68 70 65 63 60 58 58 58 58 59) 
S B 1.0 17 5 13 39 39 39 42 18 51 58 65 67 
9 \ 1.2 64 73 74 77 SO 77 77 74 
10 B 1.2 76 75 75 75 75 77 76 76 
1] \ 1.6 83 89 SY SY 89 89 89 85 84 
! 79 
2 99 
14 B 2.0 108 108 108 107 104 100 99 99 
15 \ 3.0 145 145 146 145 144 139 130 120 
3 145 
2. Bases of different true surface area produced by The character of the deposit obtained on the ' 
electrodeposition at different current densities. types of foil, as revealed by x-ray diffraction pho! 
3. Bases deposited from Syign and Syow re- graphs, is summarized in Table Il. The results | 0 
spectively. In all these studies the cathode polariza- cold-rolled cathodes show that below 1.6 amp, d 
tion potentials were measured to + 0.5 mv, the the structure of the base affects that of the depos 
reproducibility of the measurements ranging from At. 1.6 amp/dm® very slight preferred orientati! tL 
+ 2 mv at low current densities to + 5 mv at the was still observed after three hours electrolysis, |. é 
highest current densities used. after depositing four times the thickness of coppe'! mM 
Cold-rolled and annealed bases.—As indicated in necessary to prevent reflections from the base bei¢ d 
Table I for both the cold-rolled foil (type A) and recorded. A comparison of deposits produced on th " 
annealed foil (type B) the cathode polarization po- two types of foil by electrolysis for 30 min at - . 


amp/dm? showed no indication of preferred orients 
tion in either case, whether the solution used Ww 
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Siow The grain size of the deposit was 

to be about O.lu and 10y, respectively, in 
the deposits from Syigh and Srow, Independently of 
the foi! used as base, so at this current density the 
gructure seemed to be determined solely by con- 
Jitions external to the cathode. 


TABLE IL. Crystal forms of deposits produced at 


various current densities 


Base A (cold-rolled foil Base B (annealed foil 


Pronounced preferred Random orient: 
orientation tion 
Pronounced preferred | Random orient: 
orientation tion 
Pronounced preferred | Random orient: 
orientation tion 
Pronounced preferred | Random orient: 
orientation tion 
Pronounced preferred | Random orient: 
orientation tion 
Pronounced preferred | Random orient: 
orientation tion 
Very slight preferred 
orientation after 3 
hr deposition 
Random orientation Random orient: 
tion 
fandom orientation Random orient: 
tion 


IC. X-ray diffraction pattern—deposit on cold 
foil at 0.2 amp.dm?. 


Typical x-ray diffraction patterns obtained from 
the deposits are included in Fig. 1. Fig. 1C was ob- 
‘ained from a deposit produced on the cold-worked 

at 0.2 amp/dm?*, the bunching of the lines in- 


licating the same pronounced preferred orientation 
is Observed with the initial foil. Fig. 1D, which 


s the complete absence of any preferred orienta- 
was obtained from a deposit on this same base 
amp/dm?*. Fig. 1E is typical of all deposits 


produced on the annealed foil, independently of the 
current density, and indicates a random orientation 
of grains. 

Constant state polarization bases.—Bases were pro- 
duced by electrodeposition on annealed foil at 2 
amp/dm?*, the solution then being removed, the cell 
rinsed with distilled water at 25°C, and the original 
solution replaced. Electrolysis was then carried out 
at a constant current density and the polarization 
potential measured at intervals. The results (Table 


Fic. 1D. X-ray diffraction pattern—deposit on cold 
rolled foil at 3.0 amp.dm?. 


Fic. IE. X-ray diffraction pattern—deposit on an 
nealed foil 


III) showed a change of only a few mv as electrolysis 
proceeded. The final values attained were of the 
same order of magnitude as those obtained by the 
“continuous” method of following the cathode polari- 
zation-current density relationship (10), shown in the 
last column of this table, but they differ from them 
somewhat in absolute values. This is not surprising 
in view of the different conditions of electrolysis in 
the two cases; polarization potential-current density 
curves, however obtained, are largely empirical, but 
so long as the conditions are rigidly reproduced they 
provide a means for comparing electrolytes of dif- 
ferent compositions and of studying the relative 
effects of “addition agents” in the electrolyte bath. 
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The first series of results in Table III for a current 
density of 0.2 amp/dm? was obtained without. re- 
moving the solution from the cell, and led to a 
C.5.P. value about 8 mv lower than that obtained 
by the procedure described above. 

Electrolytically deposited bases of varying true sur- 
face area.—Gauvin and Winkler (2) studied the cath- 
ode polarization-time curves when using bases of 
different crystal size and hence of different true 


TABLE ILI. 


Current 


density 





) 
2 0.: 15 16 16 16 
; 0.6 34 36 37 39 
{ 1.0 67 75 74 74 
5 1.4 79 80 80 80 
6 2.0 110 105 105 104 
7 3.0 136 131 137 135 


150} 


{OOF 
I 
\ - sli 
a —_—. 
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0 _ —~ 
wa I 
10 20 30 ~ 40 
TIME (minutes) 
Fic. 2. Cathode polarization potential—time curves 


during deposition on bases of different crystal size (Gauvin 
and Winkler). Curve I 

0.875 amp/dm?; curve II 
dm?; curve III 


deposition on acid etched base at 
further deposition at 3.3 amp 
further deposition at 0.875 amp/dm?. 


surface area produced by deposition at different 
current densities. They first obtained a of 
coarsely crystalline structure by deposition on acid- 
etched copper at 0.875 amp/dm?* from the solution 
containing 125 g/l CuSO,, 5H.O and 50 g/l H.SO,. 
In this process the polarization potential showed a 
pronounced decrease with time during 40 min (Fig. 
2, curve I). The solution was then allowed to stand 
for 10 min to permit the cathode film to dissipate, 


base 


JOURNAL OF THE ELECTROCHEMICAL SOCIETY 


Cathode polarization potential 


10 
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and the polarization values were then me:sured at 
intervals during electrolysis at an apparent currey, 
density of 3.3 amp/dm? (Fig. 2, curve IT). Gayy; 
and Winkler considered that the rapid nucleus {9 
mation favored by this high current density produces 
a fine deposit, which would have a larger true surg, 
area than the coarse deposit, so that decrease of 
polarization potential with time was attributed ty , 
reduction of the true current density. Finally, on th). 


Variation of polarization with time using constant state polarization bases 





mv) after time in min Polarizatior 
ues trom curren: 
a8 20 25 30 35 40 polarizatior 









IS 


18 18 18 Is 
38 38 14 

65 63 63 66 

72 70 78 
100 100 100 
131 130 126 117 126 


same base, they carried out a further deposition «; 
0.875 amp/dm*, finding a gradual increase of pola: 

zation potential with time (Fig. 2, curve IIL) whic! 
they associated with a decrease of true surface ares 
and increase in true current density as the structur 
became coarse again. 

This procedure has now been repeated using ou 
stabilized solution Syien, curves I, I, and III 
Fig. 3 being obtained during successive depositions 
at 1.0, 3.5, and 1.0 amp/dm?. Although the curren! 
densities are slightly different these correspond wit! 
curves i, II, and III of Fig. 2. The most noticeab 
difference as compared with the observations of Ga 
vin and Winkler is that in curve I we found, in accor! 
with the previous results given in Table I, that tly 
polarization values remained fairly constant wil! 
time. On the other hand, curves showing a pr 
nounced decrease in polarization with time and sin 
ilar to those of Gauvin and Winkler, were obtained 
when the electrolysis was carried out with 4, 
For comparison, curve IV (Fig. 3) was obtaine! 
during electrolysis at 3.5 amp/dm?* using an ele 
trolytically polished base, which would presumal)) 
have a true surface area approximating to the ap 
parent surface area and certainly less than tha 
produced by deposition at 1.0 amp/dm?*. The change 
in the polarization potential was only slight, how 
ever, during the formation of the fine deposit. 

Bases formed in Syign and Syow.—As the polariza- 
tion potential results obtained when the crysta 
size in the deposit was changed by altering th 
apparent current density appeared rather inconclu- 
sive, it was of interest to repeat these experime!' 
using solutions S;ow and Syign. These solutions yield 
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eoarse and fine deposits, respectively, at 2 amp/dm*, 
and thus permit a variation in crystal size and 
4ructure to be obtained without altering the current 


’ 10 
TIME (minutes) 


Fic. 3. Cathode polarization potential—time curves 





20 30 40 


during successive depositions at different current den- 
sities. Curve I—deposition on acid-etched base at 1.0 
imp/dm?; curve II]—further deposition at 3.5 amp/dm?; 
urve [11—further deposition at 1.0 amp/dm?; curve IV 


leposition on electrolytically polished base at 3.5 amp/dm?. 
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Fic. 4. Cathode polarization—time curves during suc- 
essive depositions at 2 amp/dm? from Syign and Syow. 
Vurve |—deposition from Syign; curve Il—further depo 


‘ition from Syow; eurve Ill--further deposition from 
Siig 


a a a on 


0 es 40 


density, Using an acid-etched cathode, electrolysis 
Was carried out at 2 amp/dm? in Syign, the polar- 
ation potential remaining almost constant (Fig. 
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4, curve I). On the base so produced deposition was 
then carried out at the same current density using 
Stow as electrolyte; a slight increase in polarization 
potential (not shown on graph) was followed by a 
rapid fall (Fig. 4, curve IT), the course of this curve 
being similar to that obtained during the direct 
deposition from the same solution on an acid-etched 
base. Finally, still using the same cathode, elec- 
trolysis was carried out using fresh Syign, when a 
slight fall in polarization was followed by a pro- 
nounced increase as the finer deposit was formed 
(Fig. 4, curve III). 


Discussion OF RESULTS 

If the cathode polarization potential is closely re- 
lated to the crystal size, as suggested by Blum and 
Rawdon (5), its variation with time during elec- 
trodeposition should indicate the manner of develop- 
ment of the deposit, relatively high values sug- 
gesting nucleus formation and low values crystal 
development as the predominating process. Thus 
using our standard electrolyte and a low current 
density, crystal development of the base structure 
would be expected to occur, whereas at higher cur- 
rent densities, which favor nucleus formation (12), 
the crystal nature of the deposit should depend 
almost entirely upon the external conditions. These 
conclusions are confirmed by the results in Table I, 
in which the divergence of the polarization potentials 
for the two types of foil with time observed at 
current densities below 1.2 amp/dm* can be at- 
tributed to the influence of the base structure on the 
nature of the deposit. On the other hand, the con- 
vergence of the values for the two types of foil 
observed at higher current densities shows that under 
these conditions the base structure cannot influence 
more than the initial layers of the deposit; since the 
final polarization values are independent of the base 
the final structure must be determined only by 
conditions external to the electrode. 

Support for these views was also obtained from the 
x-ray diffraction studies, which indicate that at 1.6 
amp/dm? the influence of the base is still present but 
very slight. The random arrangement obtained on 
both bases at higher current densities confirms that 
the base structure has no influence under these 
conditions. These conclusions were further confirmed 
by using Syow, Which yields a very much coarser 
deposit than Syign at similar current densities, and 
on this account might be expected to continue the 
crystal structure of the base. As with Sy ign, however, 
a random arrangement was obtained on the cold- 
worked base above the criticale urrent density of 1.6 
amp/dm?’. Both the polarization and x-ray studies 
confirm, therefore, very satisfactorily the observa- 
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tions of Wood, particularly in view of the different 
tvpes of bases and different electrolytes used. 

The view that the cathode polarization potential 
is closely related to crystal size is also supported by 
the results of using successively solutions of Syo. 
and Syien. Curve IIL of Fig. 4 can only be explained 
by the deposition from Syign of a fine structure 
deposit over the coarse deposit produced in Syow 
with consequent increase in polarization. 

If the polarization potential were determined solely 
by the true current density, and hence by the true 
surface area of the cathode, as postulated by Gauvin 
and Winkler, it would be expected that on passage 
from a coarse to a fine deposit there should be a 
decrease in the polarization potential, as, if the 
geometrical forms of the deposits are the same, this 
would imply an increase of true surface area and 
hence a decrease in true current density. It appears, 
therefore, that Blum and Rawdon’s theory that the 
relationship is one between crystal size and cathode 
polarization is substantiated by our results, as this 
view avoids any speculation as to the magnitude of 
the true surface. 
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INTRODUCTION 





The polarographic studies of organic compounds 
have been limited to a great extent by their solu- 
bility and stability towards hydrolysis in mixtures 






of water and miscible organic solvents. Most of the 





nonaqueous media investigated thus far have been 





ompounds with hydroxyl groups, e.g., alcohols, glyc- 
erol (1), ethylene glycol (2), methyl cellosolve (3), 
ind acetic acid (4), and have had the second limita- 






tion. Formamide (1), which does not have this group- 





ng, has been used to only a very limited extent in 
polarography. 
In the present work the use of anhydrous ace- 







ionitrile as a solvent for polarographic studies has 
been investigated. In order to determine its appli- 
‘ability in this field the reduction of a variety of 
inorganic salts has been studied and is reported 







here. Work on the behavior of organic compounds is 


in progress. 





EXPERIMENTAL 






Anhydrous acetonitrile was used as a solvent with 
either 0.1M tetrabutylammonium iodide or 0.1M 
‘etrabutylammonium perchlorate as the supporting 
electrolyte. Provision was made to keep the ace- 
tonitrile always under dry nitrogen and to transfer 
this solvent to the electrolysis cell without opening 
the system to the air. The acetonitrile was not al- 
owed to come into contact with stopcock grease or 
tubber tubing during the transfer. 

The dropping mercury electrode was operated at 
‘0 cm pressure and had a drop time of 4.7 sec (open 
ircuit) in acetonitrile. The m” ¢* value was 1.521 
mg sec~”*. A mercury pool was used as an anode. 





















the resistance of the electrolysis cell was deter- 
mined by means of a Wheatstone bridge and found 






‘Manuscript received February 18, 1952. 

* National Institutes of Health Postdoctorate Fellow 
1949 ~). Present address: Department of Chemistry, II- 
‘nois Institute of Technology, Chicago, Illinois. 






Polarographiec Studies in Acetonitrile 


I. Behavior of Inorganic Salts' 


STANLEY WAWZONEK AND Mervin E. RUNNER? 


State University of Iowa, Iowa City, Iowa 


ABSTRACT 


The behavior of lithium, rubidium, potassium, cesium, sodium, calcium, magnesium, 


electrode potentials reported for these metals in acetonitrile. 


lead, cadmium, and zine ions has been studied at the dropping mercury electrode in 
anhydrous acetonitrile containing 0.1M tetrabutylammonium iodide. Values were also 
determined for lithium, potassium, cadmium, zinc, copper, and lead ions in a 0.1M 
tetrabutylammonium perchlorate solution. The results for the last four are only ap- 
proximate since the system was not completely anhydrous. The half-wave potentials 
obtained were in fairly good agreement, in every case except copper, with the standard 


to be 4000 ohms. All half-wave potentials listed are 
corrected for the «Rk drop. The corresponding diffu- 
sion currents are corrected for the residual currents. 
The electrolysis cell was jacketed and water at 25° + 
0.2°C was kept circulating during the time of the 
recording. 

The current voltage curves were obtained with a 
Sargent Model XII Polarograph having a current 
scale calibration of 0.00497 va/mm at a sensitivity 
of one. Values were obtained from these current- 
voltage curves for the logarithmic analyses. 

Materials.—Eastman Kodak white 
tonitrile was purified in the following manner. The 


label ace- 


liquid was first shaken with a cold, saturated po- 
tassium hydroxide solution, decanted and dried over 
anhydrous sodium carbonate. The product was 
distilled from phosphorus pentoxide through a three- 
foot Fenske column. Using two kilograms of ace- 
tonitrile, the first 150-200 ml of distillate was dis- 
carded. The distillation assembly prior to and during 
the distillation was flushed out with dry nitrogen. 
The purified solvent was finally transferred to the 
storage system under nitrogen pressure. 

Tetrabutylammonium iodide (5) and tetrabutyl- 
ammonium perchlorate (6) were prepared according 
to directions in the literature. 

Reagent grade samples of potassium perchlorate 
and of the various chlorides and iodides were used 
after drying over sulfuric acid in a desiccator. The 
remaining perchlorates were prepared by treating 
the corresponding carbonate or oxide with 70 per 
cent perchloric acid. The mixture was heated to 
boiling and additional acid added until the solid 
disappeared. The solution was evaporated to near 
dryness, more 70 per cent perchloric acid added, and 
the solution again concentrated by heating until 
solid began to appear. This procedure was repeated 
three times and the final solution allowed to crys- 
tallize while still hot. The crystals were filtered, 
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ground to a powder, and weighed immediately. Lead, 
copper, zinc, and cadmium perchlorates made in this 
way are hydrated. Further heating of these salts 
led to decomposition and loss of perchloric acid. 


Results 


The data obtained for the various salts are shown 
Table I. The most were well 
defined. Maxima, if present, could not be suppressed 
by the commonly used suppressors. Concentrations 
are given only approximately for the difficultly solu- 
ble compounds since saturated solutions were used. 


in waves It cases 












TABLE I 
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Salt 
. millimoles/liter 


































































LiCl 1.0 

RbCl <0.5 (sat’d 
KI 1.0 

Csl <1.0 (sat’d.) 
Nal 1.0 

Cal, 1.0 

Mgl. 1.0 

PbI, <0.2 (sat’d.) 
CuCl, <0.5 (sat’d.) 















LiClO, 1.0 


KCIO, 0.5 
Zn(ClO,).-4H.O 1.0 
Cd(ClO,).-4H.O 1.0 
Cu(ClO,).-xH.O 1.0 
Pb(C1O,).-3H.0 <1.0 (sat’d.) 





* From current-voltage curve analysis. 
Maximum (not suppressible) 







¢ See Ref. 7 


Satisfactory waves could not be obtained for cad- 
mium, zinc, copper, and lead in a medium containing 
iodide ions. The wave for zine iodide was completely 
suppressed while that for cadmium iodide, after 
passing through a maximum, dropped back to the 
residual current at higher potentials. Lead iodide 















and cuprous chloride gave waves starting before 
zero-applied voltage. 

Half-wave potentials are compared with the stand- 
ard electrode potentials for the metals in acetonitrile 
obtained by Pleskov (7) using the following cell at 
25°C: M-Hg | 0.01N MX in CH;CN | 0.01N AgNO, 
CH;CN | Ag. Pleskov’s values are reported 
against a silver electrode whereas the values in this 
work are against the mercury pool. 
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Half-wave potentials and diffusion currents of various inorganic salts in acetonitrile solutions of 0.1M 


tetrabutylammonium iodide and 0.1M te trabutylammonium perchlorate 


id 
wa 


0.1M Tetrabutylammonium iodide 


8.15 
1.49 
3.78 
3.78! 
3.18 
4.17 
4.27 
0.65 
1.02 





Nove ber 19:5 
Discussion OF RESULTS 

Examination of the polarographic beha\ ior of jy. 
organic salts in acetonitrile indicates a ~imilariy, 
to that in aqueous solutions. 

Rubidium, potassium, cesium, and sodium undery 
a normal behavior in 0.1M_ tetrabutylammoniyy 
iodide solution and give waves involving a one ele. 
tron reduction. Slopes of approximately 0.06 jing. 
cate that reversible processes are involved. The diff 
sion currents can only be compared for sodium a4 
potassium and indicate that the behavior for thes 
is similar to that observed in water (8). 


E\ (v) vs 


0.059/ x" 
ur / Hg pool 





0.110 1.42 2.476 
0.061 -1.36 2.328 
0.058 1.34 2.344 
0.067 1.34! 2.272 
0.064 —1.25 2.259 
0.045 1.24 2.140 
0.113 -1.16 





0.1M Tetrabutylammonium perchlorate 


Half-waves are approximate. 
© Values corrected to the potential of the mercury pool in 0.1M tetrabutylammonium iodide. 
“ Measured with metal electrodes instead of amalgams. These should be identical with the values for the amalgam eli 
trodes with the exception of that for cadmium. The difference for this last example is 0.05 v 


2.33 (—1.38): —2.476 

~-2.29 (—1.34): —2.328 

0.110 1.07 (—0.12)¢ —().975 

0.039 0.61 (+-0.34)¢° —(). 703 
0.078 1.01 (—0.05): 

b —(0).14 (+0.81)¢ ~(0).510 
0.101 0.98 (—0.03): 

0.045 —0.44 (+0.51)° 0.345 







Calcium shows a behavior which approximate 
that of a reversible possibility; the siope is midwa| 
between a one and two electron reduction. Mag 
nesium, on the other hand, gives an irreversi)! 
behavior. The possibility that moisture may be tr 
sponsible for these abnormal behaviors cannot |) 
discounted since the substances are very hygroscop! 
and may pick up moisture during the weighing. 

Lithium chloride gives a well-defined wave. Thi 
slope, however, indicates an irreversible proces 
which is relatively rare for an univalent ion. The 
wave height is more than double that observed {0 
potassium or sodium iodides even though the «iflv- 
sion coefficient is smaller. This comparison of diffv- 
sion coefficients from aqueous solution data may n0 
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ye valid for an acetonitrile solution in which the 
iithium ion may be anhydrous or complexed with 
rile. This postulation has some support in 
the slightly lower value observed for lithium per- 
ehlorate in 0.1M tetrabutylammonium perchlorate 
«lution in which the moisture content may be 






acetonl 







larger. 

Cateclial iodide gives a wave which, after passing 
through a maximum, drops back to the residual 
current at higher potentials. An estimated half-wave 
potential for the ascending side of the peak of —0.32 
js obtained. This value is near the beginning of the 
negative branch of the electrocapillary curve for 
mercury in this medium. The electrocapillary maxi- 
mum is —018 v against the mercury pool anode. 
The change in the nature of the charge on the 
a desorption 












mercury drop surface may cause 
phenomenon similar to that observed for the tetra- 
chloroplatinate ion (9). The position of the desorp- 






tion suggests that the complex Cdl,~ may be in- 
volved. Reduction of the complex at —1.92 v was 
indicated by a wave which was rather long and 
which did not reach a plateau before discharge of 
ihe medium occurred at —2.2 v. 

Zine iodide gave no early reduction wave. A wave, 









however, at very negative potentials was observed 
similar to that for cadmium and may have been for 
the reduction of the complex ZnlI, 

The results obtained for the perchlorates of cad- 
mium, zine, copper, and lead in 0.1N tetrabuty!l- 
ammonium perchlorate solution are only approxi- 












mate since the purity of the salts is uncertain. 
Cadmium perchlorate gave a two-step wave. The 
lirst wave is for the reduction of cadmium ions while 
the second may be for the reduction of hydrogen 
ions since the addition of 0.05 ml of 70 per cent 
perchloric acid to 20 ml of solution increased its 
height from 2.09 wa to 50.7 wa. The addition of acid, 









however, had no effect upon the first wave. 





Zinc perchlorate gave a single wave which was 





approximately twice as high as that obtained for 





potassium. Since the reduction wave occurs at ap- 





proximately the same point as the reduction of 





hydrogen ions, the wave may represent reduction of 





the metal and of hydrogen ions. The half-wave 
potential of —1.07 v found differs from that of 
cadmium by the same amount as is observed in 






aqueous medium. 





Cuprie perchlorate exhibited a stepwise reduction 





and yielded two waves. The second wave at —0.98 v 





is probably due to the reduction of hydrogen ions; 





it occurs at the same point as the second wave for 





cadmium. The first wave is accompanied by a sharp 
iaximum near zero-applied voltage and the half- 
wave potential reported is, therefore, only an ap- 
proximation. 
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Lead perchlorate proved to be less soluble in 
acetonitrile than the iodide. The presence of reducible 
impurities may be the reason for the abnormally 
high wave height observed. 

The reduction of potassium ions has been studied 
in the presence of both inert electrolytes to obtain 
the potential relationships between these two solu- 
tions. The constancy found for the half-wave po- 
tential at varying concentrations is evidence that 
the anode potentials are constant. The half-wave 
potentials in iodide media were 0.956 v more positive 
than in perchlorate media. Values for the perchlo- 
rates are corrected in this manner to put ali the 
half-wave potentials of the metals upon a common 
basis. The diffusion current for potassium is pro- 
portional to the concentration in the range 0.5 to 
1.5 millimoles/1. 

Comparison of the half-wave potentials with the 
standard electrode potentials obtained by Pleskov 
(7) indicates that there is approximately a constant 
difference between the two sets of values, if copper 
is excluded. The variation is about one volt and is 
the greatest for the ions studied as perchlorates. The 
results using the values for potassium indicate that 
the mercury-pool anode potential in iodide solution 
and in perchlorate solution is more negative than 
that of the silver electrode [AgNO; (0.01N)| by 
1.00 v and 0.04 v respectively. 

Copper from its polarographic behavior in ace- 
tonitrile appears in the same order with respect to 
hydrogen and lead as is found in the emf series in 
aqueous solution. This relationship is not in agree- 
ment with the electrode potential of copper reported 
by Pleskov which makes copper more electro-posi- 
tive than lead and hydrogen. The trace of water and 
acid present in the solution used in this work may 
be the explanation for this difference. 


Any discussion of this paper will appear in a Discus 
sion Section to be published in the June 1953 issue of the 
JOURNAL. 
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Electrolytic Reduction of Organic Compounds 


Carbon Cathodes' 


SHERLOCK SWANN, JrR., C.-Y. Cuen, anp H. D. KerrmMan 
Division of Chemical Engineering, University of Illinois, Urbana, Illinois 


ABSTRACT 


A study has been carried out of the reduction at cathodes of graphite, gas-baked coke, 
and lampblack of the following compounds: maleic acid, pyridine, acetophenone oxime, 


benzophenone oxime, diethylketoxime, benzenediazonium chloride, azobenzene, buty! 
disulfide, oxalic acid, methylene blue, and phenylthioacetamide in acid solution and of 


acetophenone oxime, diethylketoxime, 


potassium benzenediazotate, azobenzene, 


N-benzohydrylideneaniline, and potassium glyoxylate in alkaline solution. Lactic acid 
was electrolyzed in an undivided cell between carbon electrodes. 

In general, cathodes of graphite were the most active. In some reductions other forms 
of carbon were equal in activity and in three they were more active than graphite as 


cathodes 


INTRODUCTION 


This is the second and final communication on the 
behavior of graphite, gas-baked coke, and lampblack 
as cathodes in the electrolytic reduction of organic 
compounds. The first was on the reduction of car- 
bony! compounds (1). In the present communication 
the following compounds were chosen for study: 
maleic acid, pyridine, acetophenone oxime, benzo- 
phenone oxime, diethyl ketoxime, benzenediazonium 
chloride, azobenzene, butyl disulfide, oxalic acid, 
methylene blue, and phenylthioacetamide in acid 
solution and acetophenone oxime, diethyl ketoxime, 
azobenzene, potassium benzenediazotate, N-benzo- 
hydrylideneaniline, and potassium glyoxylate in alka- 
line solution. The reduction of an aqueous solution 
of free lactic acid was also attempted. 
Historical.—Little mention is made of the use of 
carbon cathodes for reduction of the types of com- 
pounds included in the present study. 

It is stated that they may be used for the following 
reductions: maleic acid to succinic acid (2), pyridine 
to piperidine (3), and nitrocompounds, in alkaline 
solution, to hydrazo compounds (4). (The azo would 
presumably be an intermediate.) In the reduction of 
oxalic acid to glycolic acid (5, 6) it is reported that 
carbon is less efficient than lead as a cathode and in 
the reduction of a glyoxylate to a tartrate (7) that 
the cathodes of low hydrogen overvoltage, including 
carbon, are the best. For the reduction of benzene- 
diazonium chloride to phenylhydrazine (8) it has 
been found that a carbon cathode was less suitable 
than one of mercury. It is claimed that lactic acid 


' Manuscript received April 8, 1952. This paper prepared 
for delivery before the Detroit Meeting, October 9 to 12, 
1951 





when subjected to electrolysis between carbon ele 
trodes is converted to lactaldehyde (9). 

Almost all of the compounds mentioned in tly 
introduction have been reduced at metal cathodes 
A complete bibliography will not be listed. 

The reduction of maleic acid to succinic acid has 
been studied at common metal cathodes (10). Th 
formation of bimolecular products in the reductio: 
of pyridine has been mentioned in a recent paper 
(11). The reaction was first noticed by Ahrens (1? 
and later studied by Emmert (13). The reduction oi 
acetophenone oxime to a-methylbenzylamine has 
been carried out in a catholyte of dilute sulfuri 
acid (14) and also in one of aqueous sodium acetate- 
acetic acid (15). Benzophenone oxime has been r 
duced to benzohydrylamine (14). No mention was 
found in the literature of the reduction of diethy 
ketoxime, but the similar dibenzyl ketoxime ha: 
been reduced to a-benzylphenethylamine (14) in « 
catholyte of aqueous sulfuric acid. Azobenzene has 
been reduced to benzidine (16, 17). Butyl disulfid 
has been reduced at the dropping mercury cathod 
(18), but no report was found of its reduction on 4 
macro scale. Other aliphatic disulfides have, how 
ever, been reduced to mercaptans in good yield 
An example is the reduction of bis(y-hydroxypropy! - 
disulfide to 3-mercaptopropanol (19). In addition 
to the reduction of oxalic acid to glycolic acid, men- 
tioried above, glyoxylic acid has been obtained 4s 
the main product, in the free state (20) and as its 
semicarbazone (21). Methylene blue has been re- 
duced to methylene white (22). Phenylthioacetamide 
has been reduced to phenethylamine (23). Potassium 
benzenediazotate has been reduced to phenylhy- 
drazine (24). N-benzohydrylideneaniline has bee! 
reduced to N-phenylbenzohydrylamine (25). 
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APPARATUS AND PROCEDURE 


The apparatus and general procedure for carrying 
vt these reductions was the same as that described 
tie first paper of the series (1). 

The first of the two procedures for the recovery 
yj suceinie acid, described in a paper mentioned 
previously (10), was used in the present investiga- 
tion. 

The products of the reduction of pyridine were 
weovered according to the procedure of Emmert 
13) except that sodium hydroxide was used for the 
neutralization and drying and the alkaline catholyte 
vas not extracted with ether. 

After the electrolytic reduction of acetophenone 
oxime in sulfuric acid solution the catholyte was 
extracted with ether. The ether extract was then 
extracted with 5 per cent sodium hydroxide to re- 
move any unreduced oxime. The solution containing 
the oxime was acidified and extracted with ether. 
lhe ether was distilled off and the residue cooled in 
an ice-salt bath to erystallize the oxime. The ether 
vas distilled from the original extract leaving aceto- 
phenone, ete., behind. The aqueous acidic layer was 
made alkaline wit sodium hydroxide, saturated with 
alt or potassium carbonate and extracted with ether. 
The ether extract was dried over solid potassium 
hydroxide and the ether distilled off. The residual 
-methylbenzylamine distilled at 183-187°C. It was 
lentified by its N-benzoyl derivative, mp 118° 
19°C (26). 

The products of the alkaline reduction of aceto- 
phenone oxime were recovered as shown in the pre- 
eding paragraph after the catholyte had been first 
acidified. 

After the reduction of benzophenone oxime the 
catholyte was diluted with water. The solid which 
separated out was filtered off and the filtrate ex- 
tracted with ether. The solid was then added to the 
ether extract and any insoluble material filtered off. 
The ether was allowed to evaporate, leaving behind 
crude oxime which was recrystallized from methyl] 
alcohol. The aqueous filtrate was made alkaline with 
sodium hydroxide, saturated with salt or potassium 
‘arbonate and extracted with ether. The ether ex- 
iract was dried over solid potassium hydroxide, the 
ether allowed to evaporate, and the residual benzo- 
iydrylamine distilled under reduced pressure (bp 
'34°-136°C at 6 mm). It was identified by its N-ben- 
ioy| derivative mp 167°-168°C (27). 

The procedure for the recovery of the products of 
the reduction of diethyl ketoxime in acid solution 
vas the same as that for acetophenone oxime except 


ior the isolation of the amine. The aqueous layer 


‘ontaining the amine and sulfuric acid was allowed 
‘0 evaporate on a steam cone to very small volume. 
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It was then made alkaline with 40 per cent sodium 
hydroxide and extracted with ether. The ether ex- 
tract was dried over solid potassium hydroxide after 
which the ether was allowed to evaporate and the 
residual a-ethylpropylamine distilled (bp 86°-91°C). 
It was identified as the hydrochloride, mp 215° 
216°C (28). 

After the alkaline reduction of azobenzene, the 
catholyte was diluted with water. The mixture of 
hydrazo- and azobenzene, which separated, was fil- 
tered off and washed with alcohol to remove the 
azobenzene. The hydrazobenzene was then recrystal- 
lized from alcohol. It melted, 122°-123°C. The mixed 
melting point with an authentic specimen showed no 
depression. 

The catholyte containing benzidine after the re- 
duction of azobenzene in sulfuric acid was diluted 
with water and then cooled in ice. The benzidine 
sulfate, which crystallized out, was filtered off and 
washed with alcohol to remove any unreduced azo- 
benzene. Any aniline remaining in solution was re- 
covered by the procedure outlined in the laboratory 
manual of Gattermann-Wieland (29). Benzidine was 
liberated from the sulfate by a dilute solution of 
sodium hydroxide. The mixture was cooled in an 
ice-salt bath and the benzidine filtered off. After 
recrystallization from water it melted at 122° 
122.5°C. The mixed melting point with an authentic 
specimen showed no depression. 

The procedure for the recovery of benzidine from 
the catholyte after the reduction in hydrochloric 
acid differed slightly from that described above. 
A little water was added and the resulting suspension 
heated on a steam cone to redissolve the benzidine 
hydrochloride which had separated out. A slight 
excess of a strong sodium hydroxide solution was 
added and the benzidine caused to crystallize out by 
cooling the solution quickly to 15°-20°C. It was 
filtered off, washed with water, recrystallized, and 
identified as described above. 

N-benzohydrylideneaniline was prepared by the 
method of Reddelien (30). After its reduction the 
catholyte was heated on a steam bath to remove the 
alcohol. After it had cooled to room temperature two 
layers formed. The lower one containing the amine 
was separated from the upper aqueous layer which 
was extracted with ether. The ether extract was 
combined with the amine and the solution treated 
with hydrochloric acid to form the amine hydro- 
chloride. This was filtered off and washed with water 
and ether. The free amine was then liberated from it 
by a sodium hydroxide solution, and extracted with 
ether. The extract was dried with solid potassium 


hydroxide after which the ether was allowed to 
evaporate. The residual amine distilled at 193° 
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194°C at 5mm. The hydrochloride melted at 184.5° 
185.5°C. The melting point found in the literature 
was 202.5°C (31) (cor.). An attempt to make the 
phenylurea (32) failed. 

The procedure of Westlake and Dougherty (33) 
was followed in the preparation of N-buty! disulfide. 
When the catholyte had cooled after the reduction, 
it separated into an aqueous and an oily layer. 
The oily layer was separated from the aqueous 
layer, which was extracted with ether. The ether 
extract was combined with an oily layer and the 
whole extracted with a saturated sodium bicarbonate 
solution and then with a little water. It was dried 
over calcium chloride and distilled. After the ether 
had been removed the butyl mercaptan distilled at 
96°-98°C. The residue was then distilled under re- 
duced pressure to recover the unreduced disulfide 
(bp 95°-102°C at 5 mm). 

The procedures for recovery of the products of 
the reduction of benzenediazonium chloride (8), po- 
tassium benzenediazotate (24), and oxalic acid to 
glyoxylic acid (21) were the same as described in the 
literature. 

After the reduction of oxalic acid to glycolic acid, 
barium carbonate was added to the catholyte. The 
suspension was then heated and filtered to remove 
barium sulfate and oxalate. The filtrate was allowed 
to evaporate to dryness and the barium glycolate 
weighed. It was redissolved in boiling water and 
the theoretical amount of oxalic acid added to pre- 
cipitate barium oxalate, which was filtered off. The 
filtrate was allowed to evaporate to dryness to re- 
cover the glycolic acid. 

The reduction of methylene blue to methylene 
white was studied merely by observing the change 
in color of the catholyte. 

Glyoxylic acid was prepared by the electrolytic 
reduction of oxalic acid (21) at a graphite cathode. 
In a typical run the catholyte consisted of 10 g of 
oxalic acid, 50 ce of water, 30 ce of 95 per cent ethy! 
alcohol and 3 ce of concentrated sulfuric acid. The 
current density was 0.02 amp/cm? and the tem- 
perature was maintained between 5 and 10°C. After 
the reduction the catholyte was diluted to 250 ec 
and neutralized with calcium carbonate. It was then 
filtered hot to remove the precipitate of calcium 
sulfate and oxalate. This was digested in 60 ce of 
water and the resulting suspension again filtered hot. 
The filtrate was added to the main body of catholyte 
which was then allowed to evaporate to about 50 cc 
on a steam cone. As the solution cooled after the 
evaporation, the calcium glyoxylate came out as a 
jelly. After standing a few days it crystallized and 
was filtered off. The yield was about 60 per cent by 
weight. 

It was very difficult to isolate pure glyoxylic acid. 
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The calcium glyoxylate was weighed, sus) ended j 
water, and the equivalent weight of sul ijrie acid 
added to precipitate the calcium. After standing 
several hours with occasional stirring the suspensio, 
was filtered. The filtrate was allowed to « 







4&porate 
in a vacuum for a few days to small volume nd then 
placed in a vacuum desiccator over concentrate 
sulfuric acid. The glyoxylic acid crystallized out yery 
slowly over a period of two weeks. 

Due to the tediousness of isolating the glyoxy\j 
acid the catholyte for its reduction was made up of 
aqueous filtrate after removing the calcium sulfate. « 
described above. The glyoxylic acid content wa 
estimated by weighing the semicarbazone (2) 
formed from an aliquot part of the solution. Tly 
remainder of the filtrate was neutralized with po- 
tassium bicarbonate before use. 

After the reduction the catholyte was diluted wit} 
water and neutralized with dilute hydrochloric aed 
until it was just faintly alkaline to pheno!phthaley 
It was then heated on a steam bath and a sligh; 
excess of a concentrated calcium chloride solution. 
based on the starting glyoxylate was added. After 
standing two days the suspension was filtered hot 
and the precipitate washed with hot water, dried at 
40°C and weighed. Attempts were then made | 
convert the calcium tartrate to free tartaric acid 





















according to the procedure given in Organic Sy»- 
theses (34). 

Phenylthioacetamide was prepared from benz 
chloride as starting material. Benzyl chloride was 







converted to the cyanide (35) which was allowed 





hydrolyze to phenylacetamide (36). The last com- 





pound was converted to the thioamide (37). Th 
isolation of the phenethylamine formed by the redu 






tion of the thioamide was carried out as reportel 
previously (38). 

After the reduction of lactic acid, the bath was 
neutralized with calcium carbonate (cooled in a 
ice-salt mixture) and the precipitate filtered of 
A portion of the filtrate was then made alkaline ani 
the Fehling’s solution test for aldehyde then ap- 
plied. 

All boiling points and melting points are give! 
uncorrected unless otherwise specified. 











DiIscusSION OF RESULTS 





Electrolytic reduction of maleic acid in acid solutiw 
(Table I).—It may be seen that cathodes of !amp- 
black and of graphite were superior to those of coke 
the best results obtained at those of lampblack. 

In view of the promising results, studies of the 
influence of acid concentration and current density 
were carried out. It was found that the optimut 
acid concentration was 10 per cent and that the 
optimum current density was 0.05-0.01 amp/c™ 
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iempt to obtain the maximum yield of 
.cid, two runs were carried out at a cathode 
of graphite at a current density of 0.05 amp per cm? 
a catholyte of 10 per cent sulfuric acid with 
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TABLE I 
\node: lead eylinder; anolyte: 10 per cent sulfuric acid; 
catholyte: 10g of maleic acid in 85 ce of 30 per cent sulfuric 
acid; cathode area: 118 em?; amp: 5.9; current density: 0.05 
imp/em*; temp 76°C; duration of run: 47 min (theoreti 


Grams of , 


> material yield 
succinic acid 


Cathode of succinic acid 


71.0 
70.0 
74.0 
76.0 
61.0 
66.0 


graphite 
graphite 
lampblack 
lampblack 
coke 

coke 


— 


PN J J SJ 
1 BO 


~ 
oS 
“I bo 


_— 
~ 


TABLE II 

Anolyte: 10 per cent sulfurie acid; anode: lead cylinder; 
catholyte: 20 g acetophenone oxime, 45 ce water, 30 ce ethyl 
alcohol and 15 ee cone sulfurie acid; cathode area: 117 em?; 
mp: 5.85; current density: 0.05 amp/em?*; temp: 30°-40°C; 
duration of run: 2.72 hr (theoretical). 
% current and 
material yield 


of a-methyl 
benzylamine 


Grams of 
a-methyl 
benzylamine 


Cathode 


coke 

coke 
graphite 
graphite 
lampblack 
lampblack 


TABLE III 
{nolyte: 10 per cent sulfuric acid; anode: lead cylinder; 
catholyte: 12 g benzophenone oxime in 15 ce cone sulfuric 
acid and 80 ce 95 per cent ethyl alcohol; cathode area: 117 
cm?; amp: 5.85; current density: 0.05 amp/cm?; temp: 30' 
49°C; duration of run: 1.12 hr (theoretical). 


% current and 


material yield 
of benzohy 
drylamine 


Grams of 
benzohy- 
drylamine 


Cathode 


coke 1.0 
coke 0.6 
graphite A 
graphite ® 
lampblack 1. 

- 


lampblack 0 


double the theoretical amount. of current. The yields 
i these runs were 95 per cent of theoretical. 
Electrolytic reduction of pyridine.—Anode: lead cylin- 
ler; anolyte: 10 per cent sulfuric acid; catholyte: 
1 pyridine in 8.2 ce of concentrated sulfuric 
nd 60 ce of water. Cathode area: 118 em’; 
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amp: 7.8; current density: 0.066 amp/cm?; temp: 
98°C; duration of run: 2.6 hr. 

If the ratio of sulfuric acid to pyridine was less 
than one equivalent to one, the cathode became 
insulated. 

Kight runs were made. An average of 12 g product 
was recovered at the graphite cathode. Upon dis- 
tillation this material yielded fractions boiling at 
92.6°C, the pyridine-water azeotrope at 92.8°C, the 
piperidine-water azeotrope, and 8 g of a fraction 
boiling over 250°C, which upon redistillation yielded 
3 g of a liquid boiling at 255°-259°C and a residue 
boiling from 279°-320°C. Emmert (13) reported the 
presence of 2,2-bipiperidine with a boiling point of 
259°C. It is interesting to note that at cathodes of 
lampblack and coke almost none of the high boiling 
material was formed. 

Electrolytic reduction of acetophenone oxime in acid 


solution (Table II).—For the reduction of aceto- 


TABLE IV 

Anode: iron cylinder; anolyte: 40 per cent potassium 
carbonate; catholyte: 10 g of azobenzene, 60 ce of 95 per cent 
ethyl alcohol, and 5 g of potassium acetate in 10 ce of water; 
cathode area: 117 em?; amp: 2.34; current density: 0.02 amp 
em?; temp: 79°-81°C; duration of run: 1.27 hr (theoreti 
eal). 
© current and 


material yield of 
hydrazobenzene 


Grams of 
hydrazobenzene 


Run No. Cathode 


coke 
coke 
graphite 


nos) =) 


] 


graphite 


~ 


lampblack 
lampblack 


>of WN = 


-_ 
wt 


phenone oxime to a-methylbenzylamine graphite is 
a more active cathode than coke or lampblack, but 
still very poor compared with lead (14). 

Electrolytic reduction of benzophenone oxime in acid 
solution (Table II1).—There was little difference in 
the activity of the three types of carbon cathodes in 
the reduction of benzophenone oxime to the amine. 
The yield was not improved after carrying out the 
reduction at a lampblack cathode and allowing three 
times the theoretical amount of current to pass. 
Electrolytic reduction of diethyl ketoxime.—Under simi- 
lar conditions, 11 and 9.7 per cent yields of a-ethyl- 
propylamine were obtained from diethyl ketoxime 
at graphite cathodes. Only traces of product were 
found after reductions at cathodes of coke and lamp- 
black. 

Electrolytic reduction of azobenzene in alkaline solu- 
tion (Table IV).—It may be seen that carbon, in 
general, is a good cathode for the reduction of 
azobenzene tohydrazobenzene and that, in particular, 
coke is more active as a cathode than graphite or 
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lampblack. In attempts to improve the yield of 
hydrazobenzene, the influence of the concentration 
of potassium acetate, current density, and tempera- 
ture were studied. It was found that the most favor- 
able conditions were: a low concentration of po- 


TABLE V 
Anode: graphite; anolyte: 10 per cent hydrochloric acid; 
catholyte: 7 g azobenzene in 70 ce 95 per cent ethyl alcohol, 
10 ce water, and 5 ce cone hydrochloric acid; cathode area: 
117 em*; amp: 2.34; current density: 0.02 amp/cm*; temp: 
79°-81°C: duration of run: 53 min (theoretical). 


Grams of % current and 
Ta so 


l coke +.1 58.0 
2 coke 1.0 56.6 
3 graphite 5.3 15.5 
| graphite 1.3 18.4 
5 lampblack 1.1 15.5 
6 lampblack 1.4 19.8 


TABLE VI 
Anode: iron cylinder; anolyte: 40 per cent potassium 
carbonate; catholyte: 7 g N-benzohydrylideneaniline and 
5 g potassium acetate in 75 ce 95 per cent ethyl alcohol; 
cathode area: 117 cm?*; amp: 2.34; current density : 0.02 amp 


cm?; temp; 79°-81°C; duration of run: 38 min (theoretical) 


% current and 


(ors I ‘. 
srams of N material yield of 


Run No Cathode ane N -phenylbenzo 
ydrylamine hydrylamine 

] coke 1.0 56.7 

2 coke 1.5 63.8 

3 graphite +.5 63.8 

} graphite $.8 68.0 

5 lampblack 1.8 25.5 

lampblack 1.0 14.3 


TABLE VII 


Anode: lead evlinder; anolyte 


10 per cent sulfuric acid; 
catholyte: 10 g n-buty! disulfide dissolved in 75 ce 95 per 
cent ethyl aleohol and 5 ce cone sulfuric acid; cathode area: 
117 em?; amp: 3.51; current density: 0.03 amp/cm?; temp 


58°-62°C: duration of run: 52 min (theoretical). 


Grams of % current and 
Run N Cathode n-butyl material yield of 

mercaptan n-butyl mercaptan 

| coke 0.1 l 

2 coke 0.5 5 

3 graphite 1.1 10.9 

1 graphite 1.4 13.8 

5 lampblack L.2 11.9 

6 lampblack 1.2 11.9 


tassium acetate, 5-10 g, a high temperature 79° 


81°C, and a low current density 0.01-0.02 amp/cm?. 


The conditions shown in the table are about 


optimum. 


Electrolytic reduction of azobenzene in acid solution. 
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Inconsistent results were obtained when a benzene 
was reduced in sulfuric acid solution due t. the ail. 
herence of benzidine sulfate to the electrode surfac 
The reduction was, therefore, studied in a catholyy, 
of hydrochloric acid. 









Electrolytic reduction of azobenzene in hydroch| 
acid solution (Table V).—A cathode of coke is. ap. 
parently, particularly active for the reduction of the 
azo group regardless of the pH of the solution. The 
results of the reduction of azobenzene in acid solytiy, 
are similar to those in alkaline solution. 3 
Electrolytic reduction of 


ory 












N-benzohydrylideneanili; 
in alkaline solution to N-phenylbenzohydrylamiy, 
(Table VI). 

C.H;CCeH;s +- 2H+ + 2F 







— CeoHsCHC,H 






NCoH; NHC,H 
For the reduction of N-benzohydrylideneaniline , 
N-benzohydrylamine the most active cathodes ay 
those of graphite and coke with the former slight) 










TABLE VIII 
Anode: lead cylinder; anolyte: 10 per cent sulfurie aci: 
catholyte: 10 g oxalic acid, 70 ce water, 5 cc 95 per cent et! 







alcohol, and 12 ce cone sulfurie acid; amp: 3.51; eatho! 





area: 117 em?*; current density: 0.03 am >/em*; temp: 63 
67°C; duration of run: 2.43 hr (theoretical). 



















nese > current 
Run No. Cathode Rn oe A materia! yie 
glycolic 
] coke 1.0 16.5 
2 coke 0.8 13.2 
3 graphite 1.8 29.8 
4 graphite 1.6 26.4 
5 lampbl ick 0.8 13.2 
6 lampbl ick 0.8 13.2 












superior. When the curreat density was varied fro 
0.01 amp to 0.04 amp/cm®’, the highest yield of th 
amine was obtained at the highest current « 
sity. A yield of 73.8 per cent of N-phenylbenzoly 
drylamine was obtained at a current density of (0 
amp/cm? when the duration of the run was only |! 
min. 
Electrolytic reducticn of n-butyl disulfide in acid sol 
tion (Table VII).—Carbon is, obviously, a poor cai! 
ode for the reduction of an aliphatic disulfide. Ke 
gardless of the yield, however, cathodes of graphit: 
and of lampblack are superior to those of coke. 
Electrolytic reduction of oxalic acid in acid solutw 
to glycolic acid (Table VIII).—To obtain glycol 
acid as the main product it is necessary to carry 0U' 
the reduction at an elevated temperature (5, 6) 
It may be seen that cathodes of graphite a" 
superior to those of lampblack and coke for this 
reduction. It should be pointed out that the yields 
are low on account of the difficulty of isolating suc! 
small amounts of glycolic acid. Based on a measu!t 
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ment ot hydrogen absorption during the runs the 


wurrent efficiency at a cathode of graphite was 86 
per cent while that at one of lampblack was only 50 


r cent 

tl ctrolytic reduction of oxalic acid in acid solution 
to glyoa jlie acid at low temperature (Table IX ).—The 
product was isolated as the semicarbazone (21) which 
s very resistant to hydrolysis. Graphite was again 
the best cathode. 

Flectrolytic reduction of phenylthioacetamide in acid 
wlution to phenethylamine (Table X).—It is evident 
that carbon cathodes are very inefficient for the re- 


TABLE IX 


{node: lead cylinder; anolyte: 10 per cent sulfuric acid; 
catholyte: 7 g oxalic acid, 90 ce water, 3 ce cone sulfuric 
wid: eathode area: 117 em?; amp: 2.34; current density: 
0.02 amp/em?; temp: 5°-10°C; duration of run: 1.28 hr 
theoretical). 


% current and 
material yield of 
glyoxylic acid 
semicarbazone 


Grams of gly- 
oxylic acid 
semicarbazone 


Run No. Cathode 


coke 4, 56.4 
coke 3.§ 53.5 
graphite 6 63.0 
graphite 8 66.0 
lampblack : 60.4 
lampblack 4. 60.4 


TABLE X 


Anode: lead cylinder; anolyte: 10 per cent sulfuric acid; 
catholyte: 5 g phenylthioacetamide, 5 ce cone sulfuric acid, 
5 ce water, and 50 ce 95 per cent alcohol; cathode area: 117 
em?; amp: 5.85; current density: 0.05 amp/em?; temp: 40 
50°C; duration of run: 37 min (theoretical). 

"> current and 


material yield of 
phenethylamine 


Grams of 


Cathode : : 
phenethylamine 


coke None 
coke Tr: ‘e 
graphite 0.3 
graphite 0.3 
lampblack 0.1 
lampblack 


Trace 


duction of aliphatic thioamides. Graphite was more 
active as a cathode than coke or lampblack. 

Electrolytic reductions of benzenediazonium chloride, 
methylene blue, and lactic acid in acid solution and of 
acetophenone oxime, diethyl ketoxime, potassium ben- 
zene-diazotate and potassium glyoxylate in alkaline 
olution.—Products of these reductions were found 
either in traces or not at all. In the reduction of 
potassium glyoxylate, calcium sulfate probably inter- 
lered with the crystallization of calcium tartrate since 
it Was found that the reduction efficiency as measured 
by hydrogen absorption was 70 per cent at a cathode 
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of graphite. A very pure glyoxylic acid should, there- 
fore, be used as the starting material. 


Comparison of Carbon Cathodes with Metal Cathodes 


The only reduction carried out in this investigation 
which makes possible a strict comparison of the 
efficiencies of cathodes of carbon with those of metals 
was that of maleic acid to succinic acid. In this 
reduction the average yield of 75 per cent obtained 
at a cathode of lampblack is nearly equal to the 
best obtained at any solid metal cathode but inferior 
to that obtained at a cathode of mercury (10). 

The yield of 73.8 per cent of N-phenylbenzo- 
hydrylamine is not far below the 80 per cent yield 
reported at a cathode of lead (25). 

By increasing the concentration of the starting 
azobenzene it would seem reasonable that the average 
yield of 73 per cent of hydrazobenzene obtained at a 
cathode of coke might be increased to the 85-90 
per cent reported at cathodes of carbon and metals 
(4) and in particular at one of nickel (39) in the 
reduction of nitrobenzene to hydrazobenzene. 

Again, if the reduction of oxalic acid at elevated 
temperatures were carried out in higher concentra- 
tion and on a larger seale to reduce the loss in the 
recovery of the glycolic acid, it should be possible at 
a cathode of graphite to approach the yield of 93 
per cent reported at a cathode of lead (20). 

The average yield of 64 per cent of glyoxylic acid, 
recovered as the semicarbazone in the reduction of 
oxalic acid at low temperatures, is somewhat lower 
than the maximum of 79 and 82.5 per cent obtained 
at cathodes of lead and mercury respectively (21), 
but compares favorably with many of the yields 
reported in the literature. 


(GENERAL SUMMARY 


From the data reported in the present and pre- 
vious communication (1) it is concluded that carbon 
as a cathode is somewhat less active than the group 
cadmium, zinc, mercury, and lead, but is more ac- 
tive than the other common metal cathodes. 

In general, graphite was either the most active 
cathode or shared maximum activity with one of 
the other forms of carbon. However, in the reduction 
of azobenzene in alkaline and also in acid solution, 
coke was by far the most active and in the reduction 
of maleic acid lampblack was slightly more active 
than graphite. 
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i fect of Corrosion and Growth on the Life of Positive 


Grids in the Lead-Acid Cell 


J. J. 


LANDER 


Naval Research Laboratory, Washington, D. C. 


ABSTRACT 


Corrosion and growth of several binary and ternary lead alloys were measured under 
various conditions. Tin additions were found to have a positive effect in slowing corro- 
sion rates. Small amounts of a third element may be added to the tin alloys to increase 


tensile strength without increasing corrosion rates. An empirical relationship between 
growth and tensile strength is shown. Positive-plate grid growth is correlated with 
capacity-life data for a cell having 8 per cent antimonial grids. 


INTRODUCTION 


This paper is a continuation of a series previously 
reported (1, 2). It had been found that certain tin 
alloys of lead showed improved corrosion resistance 
in comparison with lead and lead-antimony alloys 
2) Furthermore, it had been indicated that growth, 
a phenomenon which accompanies corrosion, might 
be expected to be an important factor in limiting 
positive plate life (2, 3). These effects have been 
nvestigated in greater detail. 


EXPERIMENTAL WORK 


Corrosion of various lead alloys was accomplished 
by two different methods. The first of these, corro- 
sion at constant potential, where weight losses are 
calculated from recorded current-time curves, has 
already been described in, detail (1). In this work, 
the method was applied to samples of the alloys in 
thin strips 30 em long, 1 em wide, and 0.0127 cm 
thick, eut from unannealed cold-rolled stock which 
had been allowed to stand two weeks or longer 
after rolling. The following alloys of lead were cor- 
roded: 12%, 6%, and 0.5% Sb, 0.15%, 0.09%, and 
0.05% Ca, 446% Sn, 446% Sn 2% Sb, and 444% 
Sn with 0.15%, 0.09%, and 0.05% Ca Pure Pb 
samples were also run for comparison. The strips 
were maintained at 1.05 v with reference to a Hg/- 
HgSO, cell in 1.210 sp gr H.SO, solution at room 
temperature for times from 24 to 72 hr. Thin strips 
vere used so that measurable growth could be ob- 
tained in an attempt to determine whether an indi- 
rated relationship (2) between growth and tensile 
strength was of significance. Tensile strength of each 
alloy, except those for which data was already avail- 

‘Manuseript received June 13, 1952. This paper pre 


ured for delivery before the Montreal Meeting, October 
26 to 30, 1952. 


* All percentages are weight per cent. Ca concentrations 
re nominal. Alloys were made from a 1 per cent Ca master 


illoy 


able, was determined for two groups of cast speci- 
mens, one; of which had stood at room temperature 
overnight, while the other was annealed at 100°C 
for 18 hr. 

Corrosion as a function of potential over a narrow 
range was also studied for pure lead and two alloys, 
and, for this experiment, in some cases weight losses 
were also determined directly after stripping the 
corroded samples in ammonium acetate solution. 

The second method of corrosion consisted in elec- 
trically shorting cast samples of the alloys to a 
cycling positive plate so that the samples assumed 
the positive-plate potential and cycled about the 
PbO.-PbSO, reversible potential with it. The sam- 
ples were weighed before the test started and stripped 
in ammonium acetate solution, and reweighed after 
removal from the test setup at various times. Several 
tests of this kind were run in studying the effect of 
tin as an alloying agent. 

In the first of these, castings of Pb-Sn plates having 
compositions up to 4.8 per cent were cycled for three 
weeks in 1.225 sp gr acid at 120°F. They were dis- 
charged overnight for 16 hr and charged during the 
day for 8 hr. The final potential on discharge was 
0.1 to 0.15 v less than the rest potential of the 
positive plate. Six per cent Sb and 0.1 per cent Ag 
alloys were run for comparison. Weight losses were 
determined at one, two, and three weeks. 

In a five-week test under the same cycling con- 
ditions, except that room temperature was used, 
the range of tin composition was extended to 8 per 
cent. 

In a third test under the same cycling conditions, 
but at 120°F again, samples of 4 and 5 per cent Sn 
were run competitively against 6 per cent Sb and 
pure Pb for nine weeks. Duplicate samples were 
removed and weight losses measured at various times 
over this period. 

In the final test of this series, the binary and 
ternary alloys listed above for constant potential 











168 JOURNAL OF THE ELECTROCHEMICAL SOCIETY 


corrosion were cast in 14 in. rods 25 to 35 em long. 
A Pt wire was burned into one end; the samples were 
weighed and their length measured and they were 
placed in the 1.210 sp gr electrolyte of a 700 amp-hr 
Exide Ironclad cell with the Pt wires connected to 
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Fic. 1. Constant potential corrosion in 1.210 H.SO, at 
1.05 v and room temperature. 
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Fig. 2. Corrosion of Pb, 6 per cent Sb, and 4% per cent 
Sn as a function of potential. 


a bus bar which was shorted to the positive-plate 
assembly of the cell. Pt wires were used in order to 
avoid the usual difficulties due to corrosion of the 
leads. The cell was discharged at 7 amp for 16 hr 
and charged at 15 amp for 8 hr on working days. 
Over weekends the cell was discharged at 2 amp. 
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The test ran for 40 weeks at room temperature 9), 












| | mper: lov 
weight losses were determined at various times oy al 

. ° 1 ™ OSS 
this period. Growth was measured where possible Di 





In addition to these tests, two dry-charged Nay, 
Standard Portable (Type 6U-SBM-15AH) batteri« 
having grids of 8% Sb were given a freshening 
charge and cycled a few times with 1.220 Sp gr 
electrolyte. After this, the gravity of the electroly;, 
in one battery was changed to 1.320 and automati 
eycling at 120°F was started. They were cycle 
four times daily, each cycle consisting of a discharge 
at 2.8 amp for 2.7 hr and a charge at 3.2 amp {y 
3.3 hr. This discharge rate corresponded to thy 
5-hr rate and the cells were discharged to a |itt\ 
more than one-half their capacity rated at ordinary 
temperatures. Every month or so, a capacity dis. 
charge was run at 7.35 amp (8.7 amp = the one. 
hour rate) after bringing the cells to a condition ¢ 
full charge. After 1000 cycles the temperature oj 
cycling was reduced to room temperature; the ca. 
pacity discharges, however, were still run at 120° 





for t' 





losses 






At 1060 cycles, one cell of the low-gravity batten 





failed and one cell of each battery was removed, 
taken apart, and examined. The remaining cells 
were continued on cycle until complete failure of the 
positive plates of one of the high-gravity cells at 
1760 cycles, when they were taken apart and ex- 









amined. Values for grid growth were determined {0 
all cells and various sections of the positive grids 
were stripped and the stripped weights compared 
with those for similar sections from a new dry- 
charged cell. 










RESULTS 
Weight losses calculated from the constant-po- 
tential data using Faraday’s law for the react 

Pb — Pb** are shown as function of time in Fig. | 












For purposes of clarity all the data are not giv 

but all Sn containing samples gave curves lying 
between 1 and 2 in the figure. It is evident that th 
tin-containing alloys corrode at a considerably slowe! 
rate than the alloys of Sb and Ca under these co! 







ditions. 
The data taken for Pb, 41% per cent Sn and 6 per 





cent Sb samples as a function of potential are graphe’ 
in Fig. 2. For Pb at voltage 1.14 and 1.17 these data 
were determined directly by weight loss. At thes 
voltages the current data calculated to twice th 
measured weight loss for the reaction Pb — Pb™, 
» Pb** as ex 


pected because these potentials are above the PbO 









so the reaction here is evidently Pb 






PbSO, reversible potential. From the data for Pb 





at 1.09 v, it can be seen that protection (1) begs 





somewhat before the PbO.-PbSO, potential '* 
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yelow that potential. This is thermodynamically 
possible by reaction of PbO or Pb with water. 

" Direct weight loss measurements were also made 
for two samples of the 6 per cent Sb alloy. These 
veges were about 5 per cent lower than those cal- 





005Ca 41/2 Sn +4009 Ca 41/2Sn 
00 J j 


ae. tt 
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Fic. 3. Growth vs. corrosion for samples having 0.0127 


m? cross sect ion, 


TABLE I. Tensile strength data 


No. of 
samples 
tested 


Alloy Tensile strength 
ANOS (#/in.? to break) 


0.05 Ca (east) 3400 + 200 
0.05 Ca (H)* 3400 + 100 


| 
| 
| 
| 


09 Ca (east) 6600 + 300 
09 Ca (H)* 6700 + 400 


15 Ca (east) 6700 + 300 
15 Ca (H)* 7200 100 


05 Ca 44% Sn (cast) | 6600 400 
05 Ca 416 Sn (H)* 7200 500 
0.09 Ca 414 Sp (east) 8500 + 1300 | 
09 Ca 449 Sn (H)* 9800 600 


15 Ca 4'6 Sn (east) 9800 300 
15 Ca 414 Sn (H)* 9800 + 300 


2 Sb 46 Sn (cast) 7000 + 500 
2 Sb 414 Sn (H)* 7800 + 200 


*H = 18 hr anneal at 100°C. Deviations given are maxi 
ium, not average. Values used for other alloys recorded 
vere obtained from the Corrosion Handbook. 
ulated for the reaction Pb — Pbt*, and this is 
probably due to the simultaneous reaction: Sb — 
Sb** or Sb*+, 

The growth data are plotted as per cent elonga- 
tion vs. film thickness in Fig. 3. The curves are 
inear. The samples of 4% per cent Sn with 0.05 and 
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0.09 per cent Ca did not corrode enough even in 
72 hr to begin to grow. The tensile strength of the 
cast specimens is given in Table I, and in Fig. 4 are 
plotted the slopes of the elongation curves of Fig. 3 
vs. the tensile strength. The results are somewhat 
spotty, and those for the Ca alloys lie well below the 
line connecting the others; nevertheless higher ten- 
sile strengths seem to be correlated with lower growth 
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Fic. 4. Slope of growth curve vs. tensile strength 
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Fic. 5. Corrosion vs. tin concentration 


rates.’ It should be noted that the corrosion tests 
were run on cold-rolled sheet, while the tensile 
strength measurements were made on castings. 
Fig. 5 shows the results of the first cycling test 
on Sn alloys. Weight losses at one, two, and three 
3 Perhaps if yield points or creep data were plotted rather 


than tensile strength, the Ca data would be brought into 
line, 








170 


The data show a steady improvemen 
resistance as Sn concentration § inere 






TABLE II. 


Compostiton 











(wi %% (g 
Pb 0 
2.4% Sn 0 
t.0% Sn 0 
5.0% Sn 0 
6.0% Sn 0 
8.0% Sn 0 
6% Sb 0 
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weeks are plotted as a function of Sn concentration. 


t in corrosion 
sases. Weight 


Corrosion of Sn alloys 


Weight loss in 5 weeks 


cm?) 


041 
.027 
.024 
.024 
026 
.028 
045 

























O0Tt 1 225 Hp SO, 
20°F 


003 


00! ; 
EACH POINT AVG OF TWO 
SAMPLES AVG DEV <*000I¢ 











2 4 6 8 10 
TIME (WEEKS) 







alloys with 6 per cent Sb and pure Pb 


6. Comparison of corrosion of 4 and 5 per cent Sn 
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Fic. 7. Corrosion rates of various alloys 
losses of the Sn alloys are significantly smaller than 
those for pure Pb and the other alloys. Data given 
in Table II, obtained from the second test at five 
weeks and room temperature, locate a minimum in 
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the Sn concentration vs. corrosion rate re! tionship 
in the range 4-5 per cent Sn. 

In Fig. 6 are plotted the results of the 9-week toy 
Each point on the curve is an average for two Sam 
ples where the spread was generally within +009) 
g. Again, the Sn alloys are shown to be 
corrosion resistant. 

The results of the 40-week test are shown in Fig 
7, where alloy behavior under the cycling conditions 
concerned may be separated into two characteristi: 
patterns. The binary alloys of Pb with Sb and (, 
corroded rapidly at the start then slowed up neq 
15 weeks to give a roughly linear corrosion rate 
The average slope of these curves is about 0,00j0 


more 


TABLE IIL. 





Some corrosion data in penetration unit: 


Penetration 


Conditions (cm 1 year) Ref 


Soiid phase reaction (PbO, 
+ Pb PbO) 
renewed) 


(Surface not 


Telephone batteries, float 
service, 12% Sb 


Pb in 10% acid at 50°C con 
stant potential 1.3 v,* be 
tween 8 and 35 hr 


Pb in 40% acid at 30°C con 


stant potential 1.4 v,* be 


tween 16 and 24 hr 2.3 X 1074 (1 
Slopes between 20 and 40 

weeks, Fig. 7: This dat 

Ca and Sb binary alloys 4.6 X 10° 

414% Sn and ternary alloys 2.3 X 10° 


Navy Standard Portable bat 
tery, 8% Sb grids, first six 
months, 120°F 
.220 acid 16.2 X 10°° 

1.320 acid 13.% 


This dat 





* Voltages referred to Hg/Hg.SO, cell in same solutio 


g/cm?/week. Those alloys containing Sn, on the 
other hand, started at a smaller rate and broke 
between 15 and 20 weeks to a linear curve with the 
average slope 0.0005 g/cm?/week, a value about one 
half that for the binary alloys. The final slopes 0! 
the curves shown in Fig. 7 have been expressed in 
terms of penetration in em per year and the results 
‘re compared with values observed from other tests 
2 Table III. 

It probably should be pointed out that a very 
shallow discharge was used in the cycle and this 
does not necessarily correspond to any particular 
type of cell service. Nevertheless, the final value 0! 
the discharge voltage, which is given in Table !V 


Vol, 
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h other typical voltages for the experi- 
vele, corresponds to the potential which 
1, most rapid corrosion for Pb as shown by 


lonship along W 
mental 

ek test 
’O Sam- 


+000] 


results 
Fig. 2. 

Growth was observed in some of those samples 
removed at 40 weeks only. The data is given in 
Table V 

In Fig. 8 the average capacity of the three cells of 


more 


in Fig. 

















ditions Mgeach of the Navy Portable batteries is plotted against 
teristic [the number of cycles run. When one pair of cells was 
and ("y 
IP near TABLE IV. Typical positive-plate voltage conditions 
n rat (40-week test) 
are 
0.0010 End of 2 amp discharge over weekend 1.047 
End of charge at 15 amp 1.250 
units Start of 7 amp discharge 1.154 
End of 7 amp discharge 1.045 
Ref 
TABLE V. Growth data (40-week test) 
Alloy % Elongation 
(2) Pb 0.46 
0.09 Ca 0.20 
0.05 Ca 0.20 
(3 0.09 Ca 446 Sn <0.20 
0.5 Sb 0.40 
6 Sb 0.36 
6 Sb 0.58 
(1 
TAR - 
( | hy 
| ©-1 320 SPECIFIC GRAVITY 
/ x-1 220 SPECIFIC GRAVITY 
a ° + 
8S d il : 
APACITY 1S AVG VALUE FOR 
3 CELLS TO CYCLE 1060 
AFTER WHICH IT IS AVG VALUE 
FOR 2 CELLS 
s dat 
~ 80% OF RATED CAPACITY + 
slutio 
00 400 600 600 1000 1200 1400 1600 1800 
NUMBER OF CYCLES 
yn the Fic. 8. Capacity-life data. Navy Standard Portable 
broke Type 6U-SBM-15 amp-hr) battery. 
ith the . , 
it one- ken apart at the end of 1060 cycles, examination 
pes of t the positives showed that failure of the low- 
sed in Mg @Vity cell was due to breakage of the vertical 
results Members of the grid all the way across the top, 
> tests [gg St under the horizontal frame member. The active 
material had fallen out of the bottom row of pockets 
 wery \ both positive plates in each cell. Otherwise, the 
d this @°°"ve material was firm and healthy looking. Cell 
ficylar “lure in this case was probably due to a poor 
slue of casting. 
ste IV lhe stripped weights of the finest grid members 
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were 0.123 and 0.124 g/cm of length for the low- 
and high-gravity cells, respectively. The next-to- 
finest members gave 0.610 and 0.633 g/cm of length 
in the same order. These weights may be compared 
with 0.151 and 0.748 for new, dry-charged grids. 
Growth in the long dimension of each plate amounted 
to about one per cent. 

At 1760 cycles when the remaining cells were 
examined, the general appearance of the low gravity 
cells was about the same as earlier. The fine members 
had good metal left, and growth was 1.6 per cent. 
The appearance of the high-gravity cells was very 
poor by contrast. The plates crumbled and broke 
when removed from the cell, the active material 
was soft and mushy, and little or no good metal was 
to be found where the fine members were originally 
located. All plates had grown 3.1 per cent. The 
stripped weights of the next-to-finest grid members 
was 0.564 g/cm of length for the low-gravity cell 
and 0.434 g/cm of length for the high-gravity cell. 
Failure was complete for the high-gravity cell which 
failed, i.e., there was almost no capacity at 7.35 amp. 


DISCUSSION 


It is considered possible that these data for cor- 
rosion and growth may be interpreted to show how 
data combining these two factors may be used to 
select new alloys for full-scale testing in batteries. 

The corrosion data per se are rather obvious, that 
is to say that in the absence of complicating factors 
a comparison of corrosion rates should be a fairly 
reliable means for estimating grid life. Thus the 
tin-containing alloys in a direct comparison of cor- 
rosion rates with the antimony alloys would be 
expected to give two times the life of the antimonial 
grids. However, the situation is complicated by 
growth and it will be discussed in a general fashion 
how the growth factor may operate to reduce posi- 
tive grid life. 

When the 40-week test was designed, the growth 
data obtained previously (2) were used to show 
that growth for these samples might be expected to 
start in 5 to 10 weeks. Actually, of course, it was 
observed in but a few of the 40-week samples. 

In Fig. 9, growth data for the thin strips and the 
1g-in. rods of the 6 per cent Sb alloy are compared. 
Data from reference (2) are included. These results 
show that the growth theory given previously (2, 3) 
must be expanded to consider the original cross- 
sectional area of the corroding specimen. Thus, for 
one of small cross-sectional area, the full effect. of the 
tensile stress applied by the covering oxide film may 
begin to take effect immediately; but for a specimen 
of large cross-sectional area, the oxide film may 
begin to crack and flake off before it can become 
thick enough to apply a stress great enough to 
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start growth. Therefore, the thicker sample must 
corrode down to some threshold value of cross sec- 
tion before the oxide film can begin to do its work. 
In Fig. 10 film thickness values necessary to start 
growth are plotted against both the original and 
the corroded cross-sectional area for the data of 
Fig. 9. Evidently, the corroded cross-sectional area 
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Fic. 9. Comparison of growth curves for samples of 
various cross sections, 6 per cent Sb alloy 
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Fic. 10. Film thickness necessary to initiate growth vs. 


cross-sectional area. 6 per cent Sb alloy. 


must approach a constant value as original area 
increases. 

There is some indication that corrosion rates in- 
crease when growth begins. This is reasonable be- 
cause such a process should increase the porosity of 
the film. Then, as cross-sectional area gets smaller 
and smaller, growth and corrosion rates should get 
progressively larger, and so it can be seen that both 
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the slope and the intercept of the growth , 
assume considerable practical importance. 

From the weight loss data for the heavier CPOs 
members of the Navy Portable battery the effect of a 
grid structure on growth may be obtained. The 
original cross-sectional area of these members Was 
0.0646 cm* and the area per cm of length was 072 
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em’ and from the corrosion data given previously 
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Fig. 11. Grid growth in the Navy Portable battery 
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Fic. 12. Grid corrosion in the Navy Portable batten 
(heavy members). 


values of film thickness may be obtained. The meas- 
ured grid growth vs. film thickness per cross-se¢- 
tional area is plotted in Fig. 11. It is compared with 
the data for the 6 per cent Sb 1¢-in. rods and for 4 
rod having the area 0.0646 cm? which can be est 
mated by finding the point at which growth starts 
from Fig. 10 and with this as the value at the inter- 
cept, laying off a line about parallel to that for the 
lg-in. rod of Fig. 11. Thus the effect of a grid struc 
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yre with frames heavier than cross members is to 
mpart acditional resistance to the start of growth, 
hich might be expected. In addition the fact that 
owth starts later should lead to a lower average 
rosin rate, both effects combining to prolong 
jite. 

If the growth curve for the grid of Fig. 11 is 
wxtrapolated to the abscissa a value of about 0.1 
jor film thickness over cross-sectional area is ob- 
ined for the start of growth. If the corrosion data 
sptained for the heavier members may be plotted 
ys in Fig. 12 the time at which growth started can 
io estimated from the'0.1 value and the corrosion 
ate curve. This value amounts to about 3.0 months. 
i, Fig. 8 the capacity for the low-gravity cell has 
wached a peak and begins to decline at about 3.5 
months and, therefore, it may be indicated that 
‘he initial drop in capacity corresponds to the begin- 
ing of growth. In the same way, if the second big 
lop in capacity may be said to correspond to 
jailure, then failure corresponds to about 1 per cent 
growth. 

\nd now we can present a picture for life history 
{ these positive grids under cycling conditions. The 
jitial rise in capacity probably corresponds to a 
mbination of factors among which is the possi- 
vility that film formation on the grid before growth 
‘arts should result in better electrical contact be- 
ween the grid and the active material because the 
pecific volume of the film is higher than the metal 
from which it comes. In the opposite sense, when 
growth starts, the contact between grid and active 
material and between the active material particles 
themselves become worse. Then charge acceptance 
becomes poorer and gassing can more easily scrub 
iway loosened active material, both effects resulting 
n decreased capacity and ultimate failure as growth 
‘ontinues. 

If this picture for the cause of failure is essentially 
“orrect and applicable to other grid alloys, then data 
uch as that contained in Fig. 3, 7, 9, and 10 may 
very useful in preliminary evaluation of new 
loys before full scale testing, because such data 
‘how the point on the corrosion curve at which 
growth begins and how fast it continues with cor- 
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rosion. Indeed, it may not be too much to expect 
that such data could be used in predicting positive- 
plate life in batteries. Qualitatively, it can be seen 
how it could be possible that an alloy which corrodes 
rapidly but grows slowly might outlast one which 
corrodes slowly but grows rapidly. 

It. should be pointed out, perhaps, that these data 
have been taken over a narrow concentration range, 
if that for the Navy Portable battery with high 
gravity acid is excluded, and that no consideration 
has been given to other factors such as topography of 
corrosion and adherence of the corrosion film to the 
base metal. Furthermore the study needs to be 
extended to cells which have grids made of other 
alloys. 


SUMMARY 


A series of binary and ternary alloys of lead were 
corroded anodically both at a constant potential 
below the PbO.-PbSO, reversible potential and under 
conditions of cycling potential. Tin additions have a 
positive effect in slowing down corrosion rates. 

Marked increases in tensile strength were ob- 
tained by additions of small amounts of antimony or 
calcium as a third element to the lead-tin alloys 
without increasing corrosion rates. 

Determination of capacity-life curves and corro- 
sion and growth for a cell having 8 per cent anti- 
monial grids indicates that the onset of growth is 
reflected by an initial capacity decrease and that 
failure corresponds to about 1 per cent grid growth. 

Growth is indicated to be a very important factor 
in limiting positive-plate life, and measurement of 
growth and corrosion rates in combination should be 
a useful tool in the selection of new alloys for testing. 
It is considered probable that such data may be used 
to estimate positive-plate life. 


Any discussion of this paper will appear in a Discussion 
ection, to be published in the 1953 
JOURNAL. 
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